
Research and Development Progress Report No. 606 October 1970

TheUseof
Measure

AmalgamElectrodes
Activity Coefficients

ticomponentSalt Solutions

By James N. Butler, John C. Syrmott, Rims Huston, Tyco, Labora-

tories, Inc., Waltham, Massachusetts, for OfFtce of Saline Water,

C. M. Wong, Director; W. Sherman Gillam, Assistant Director,

Research; W, H. McCoy, Chief, Chemical Physics Division.

Contract No. 14-01-0001-607

UNITED STATES DEPARTMENT OF THE INTERIOR ● Walter J. Hickel, Secretary

Carl L. Klein, Assistant $ecretary for Water Quality and Research

ForsA:I)ytllr S(l[>k>rillt,e,)(lt:tit,)[I)(>cumrllts,LI.S, l.;ovNIIIItrIIl I’riniirlzolli(:(,
\VmhinKton,l),C.204(M- I’rico$1



As the Nation’s principal conservation agency, the Department

of the Interior has basic responsibilities for water, fish, wildlife,

mineral, land, park, and recreational resources. Indian Territorial

affairs are other major concerns of America’s “Department of

Natural Resources”.

The Department works to assure the wisest choice in managing

all our resources so each will make its full contribution to a better

United States–now and in the future.

FOREWORD

This is one of a continuing series of reports designed to present

accounts of progress in saline water conversion and the economics of

its application. Such data are expected to contribute to the long-range

development of economical processes applicable to low-cost demineraliza-

tion of sea and other saline water.

Except for minor editing, the data herein are as contained in a report

submitted by the contractor. The data and conclusions given in the report

are essentially *hose of the contrac~or and are not necessarily endorsed by

the Department of the Interior.
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1. IN’rROEKICTION

Desalination procc’ss c% invdvc nlany difkren~ plly sical and chemi cd phenomena, but one

common feature of nearly all their quantitative descriptions is the chemical potential of the

saline compormnw. Ideal laws, which Kive the drpcmdrncc of chenlical potcmtial on solution

composition in dilLIte solutions, t cncl to bc poor ‘21pproximations in th c relatively conccnt rated

solutions encountered in pr~acticc. The dwi ations of [hc actual chemical potentials from the

ideal are LJSLM1lYcxpcsscd as activity coefficien~s whicl] have been shown to be the relevant

conlposition factors in processes involving rcvcrsc osmosis, electrodialysis, solvent extr:lc -

tion, adsorption, elect.roso rption, and scale forlllarion. ‘lI]LIs, studies of activity coefficients

in lrl~lltic(]?~ll]oncnt saline solutions a re of ba sic iimpo rtance to the quantitative understanding wxl

dcs ign of all desalination nlcthods.

Since 1965, Luwler OSW Contract No. 14-01-0001-607, we have been studying the activity

coefficients of multi component salt solutions r~lattd to sea water. Dcta ils of the results and

conclusions from this research have been prcs fintd in two interim reports 1‘ 2 and 13 papers

puhli shed in scientific journals ( scc Section IX).

In this report, wc shall briefly review the importance of activity coefficient dfita in de-

salination processes, an~l discuss the difficultly in making such data readily available for en-

gineering application. Then we shall summarize the work done L]p till now on the present pro-

gl”am, and show the need k) r fu t“ther experimental work o f rhc type we have been doing. b’inally,

wc shall suggest additional experimental and thco retica] work which we believe will cent ri bute

si~mificantly to bridkting the difficult gzp bctwwn fundamental studies oi’ solution thermodyn~mics

And practical application of t’hcwe results to realistic situations.

The principal expcri n~cnts dcsc ribed in the First Inrerim Report were those which mea-

surcd the activity of NaCl in multicolmponcnt electrolytes using the CCI1:

Na (Hg) /Na+ , Cl”-, 11,0, MX/AgCl/Ag

for acldcd salts (MX) NAZS04, KC], 1,iCl, MgCIZ, and CaCIZ. The conditions unclcr which such

a cell could bc used were discussed.

‘1’hc thermodynamics and kinetics of the alkali inetal a malsam electrodes were discussed

in detail, with cmpha sis on factors affectin~ the accuracy of nleasu rements in cells such as the

a Lmvc. Interference by a second cation such os potassiu]n or lithium WAS analyzed quantitatively.

Measurements of the standard potential of the lithium amalgam electrode made during the course
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o I lhis I-csca r-cl] werv rtpo rtcL1.

Tile alkaline eat-t]] :Imal gwm cl cctrodcs w crc also discus se(i,

to l-he ca.1c iLlnl and Ilarill In alnalgaln electrodes. StanLla.rLl potcnti.als

Lllesr Plectl_oLies, usinx the hcst avai.]a.blc tllcr~l~{]clyni~~~lic data.

‘1’he Lxpcrinlcnral nlethods used in OU~ rksearch wet..c discussed In detail.. ‘~cchnic]ues

for handling anlalganl clcctrodcs , rl~loriclc -reversible and sulfate-reversible rcfcrcnce clcc -

t rodcs WCI-Cdescribed.

Results repo trtul incl LdcLl activity cocfficienr llleasLlrenlents in the aC~LICOLISnlLdticonl-

poncnr syscenw 1%(.;l -N:IZ S04, NaCl -J ,iC], NaC!l-Ca(U~, Na(jl-M@z, and N:~C1-B~C]z. Acti-

vity nleas L[rcnlcnts Lmin~ a C:llcilllll -selective liqLlid ion-cxchangc electrode were reported, anLi

the thcoryof the activity ofca[ciLum ion in rnLdticonyjonen[ solLltions was discLlsscL1. A possible

nlelhod based on the Bt%tc+d theory for prediction of activity coefficients in Inulticonlponent

nlixrLIL-es was pl”esrntcd. Experimental studies of tllccalciLlrn and barium amalganl electrodes

were Sllnlnlarized.

A. Rdevfinceof Activity (lwtficien~ l)ata

In our nlost recent intcrinl report, z wr gavp a relatively detailed exposition of the role

played hy activiry coefficients in the cjLmntitativc (1rscrip[ion of the desalination processes,

1Icre, we will hri.cfly review these ideas.

I)i stil j,atiori, for cxa nlple, depends on the thernlod ynarnic vapor pressLlre of the solution

Llt Thr [E’lI)pC~AtLIL_~{)f h)i~ing, and hence on the activity of w’atcr In he lnul~iconlponent solution

heinx distilled. It is possihl~ to calculate t}~c ortivity of water by knowing the activity coeffi -

cicwls 0[ all the va rims saline components, usin~ thp C ihbs -DLltlenl relarion. HOWeVC~j in prac -

ticc, a fairly WCLlriUC opp roximarion to [he vapor p rcssLlrc can be obrai ned sinlply from activiry

coeffiri ent and heat of dilution data for Na[Cl SOILltions, with relatively silmple ionic stren~~h

COlllpCIWLl~iOLl[or rk }71”WC11CCof L!j.V21Cn[ iOnS. :3>4

1Towmm r, vapo:r pressure is not the only factor involved in the design ant] operation of

a SIICCCSSIU1distill;;.tion plant, and other properties which are equidly in]portant cannot be pre-

dicted f L’olll SLIChL1Silll]31(2 lllOdC] . Scale [orrnation, for exarnplc, involves specific ionic equil -

i hr ia which depend on I-IIC;ac,tivit y of minor conlponcnrs of the saline sol Lltion. 5 Corrosion md

ilx inhi hition depend on kirwtics and cqLlilibrin involving the nlatcriak ol’ const rLlction, and ?may

bc cl-i[ically Lleperldcnt on relatively snwdl changes in solution rolmposition. Nucleation and

gl-owtll Of Scale ancl pitting phtmonlenx are iLJso iIllporr;Lllt , and these depend on chenlical poten-

tial ~l-LILlients in the boundary layer nc:lr the boiling s 11rf~CCS. The use of saline water as a

coolant for the conclc!nscrs inllOLiLlces still nmrc corrosion probletns, which again depend on

Chrmical potentials and their gradi cnts.

Next to Llis[illation, the nlost important Llcsalination p roccsses are those dependent on

SolLlti(MI transport thrOLlgh nlcnlbranes: reverse osnlosis and electrodialysis. All engineering

desi~m of such s ystwms is LI]tirnately based on transport collations which relate the flux of warer

and rhe va rious salr cornponcllts ro chemical potential gradients, electrical potenrid gradients,
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and cwtcrnd hyd mdynamic to KCS. Tn esscntiall~ all treat nwntti o I 111is class of p mhlems, the

chrmical potc,nthl gradimt has ken cxprmsmi in tt,mls of ucmenurotions (makin~ the :lppmx -

illlatioll that d~ salt Coll”qmm=’nts are independent 0[ Glch odlcr an(”l obq’ the ideal hws Ofdilu[e

SCdLltiOllS), of LX)lll-Sti, this is I1OEthe c:-Lse, and LIIC’~-igorous cxpfinsion of a chmmicd po~entid

grtldim,vpi, ino lllllltictll~ll](l]lcnt ml.lwion includes cross K2rms for the depcnclcmc:(m rhc

ronckm~r-ation of P:-d component. lkpressed in LH1lls 0[ activity cmcfficicnts, dlcse Llre

Vp, i =Vivr -1-~ (?pi/kk)vcj<
k

(1)

(2)

(3)

In these cxpmssims, the term [{g.’/c. is typicnl]y positive, of magninldc 0.5 to 5 M - Q/
1

mol. Ille terllls involvin~ activity coefficients usually km{ to kcomc larger :+s the concentra-

tions incrcasc, ancl 171ay trc~lch nla gnitudcs cqLMl to th~lt of the main term. In solu[ions of cm-

cent ra ti.on nca [.”lm, the :lctivi ty ro~’fficient ternls are typically 10 to 20% of Lhe [nain term. ‘J‘hc

cLImul ativr eff~ct of s PvL’rnl such mms can thLls cxccwc Lhe Ilmgmituclc [of’111c tc rm RT/ci, bllt

thr activity coeificienr tPrI1lS arc gcncra]]y i~mored at prcwc’nt in the ~lndysis of Inembrme

pl’occsscs.

7’11LIs, unless WF have Lletcrnlined the a c( ivity cncfficicrtts of the va [ioLIs conlponents in

Lhp l~ltllticollll~olle~ll solutions we a L-edc:ll in~ w ith, wc nlay nlakc’ errors of as mLIch as 100% in

nno lysi. s or prediction (If tllc brllavior of specific pr:~.ctical sys~enls.

Anotllm- ntip~cr 01 Lhe lllell-lbrilne-base~l processes is the dcscriptjon and proper ev:l”lu:ltion

of the ?ffects of o conc~nt rated lx)LnKlary 1ayc r fo rmd nca t.. the membrane, In rc]Llo~ions of hy -

d rodyna mic flow, which a I.c 110scd on [he forces a ncl HLIxes outlined alwvc, it is conventional to

rep]acc gradients of acLivi Ly (which arj. sc fronl chcmicfi] potentjd Xradients) by Waclimts of

concmm-ation. T’he resLllt is to introduce errors clf the type discussed ahovc. ‘Ihcsc show up

i]s 2dditional concentr:ltion dcpcndcncc of p(aro mc~ms sLklI as di [flls ion mcffi ci cnts and ionic

nlobilitids, thus linljti.ng the L]selLhess of nlcasLlremenw nwle Lmcler pa rticLd i~r ci rcunlstances

fo~- application to nlore ~eneral si nlotions.

‘1’hc activity 0[ individLl:ll components is Lllso of s 1gmificnncc in other desdimltion pro-

ccsses. For Fxonlple, the Llltimate cfficienc y 0[ a freezing process depends m rhc Hctivity of

water and salts in Emth the liquid phase md the solid phase, and only if tlwre is a high dcgrcc of

salt rejection from the solid phase c:in the process hc efftctive. Solvent extraction proccsscs

depend cm the activity o f salt cwmponcnts IxNh in the aqLlcoLw phase and the orj+lnic phnse, and

to predict the sol Llbil ity ol’ organic nlotcrial in the aqLIeoLIs phase, the dfcc[ or ionic compmcnts
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on the acciviry of neutral molecules must be known, In adsorption processes, the essential fac-

tors are quite specific chemical and physical equilibria between the aqueous phase and the sur-

face of the adsorbent, and again, these depend on the activity of ionic compmnenrs in the aqueous

phase. The use of total conccmrntion instead of ionic activity makes the phenomena seem even

mo rc complicated than they really are. Elcctrosorption, in the same way, depends on the acti -

vity of dissolvcc] species, and the structure of the electrical double layer at the electrode-solution

interface involves chemical porcntial gradients tincl space charge layers of the same type as we

discussed in connection with membrane processes,

Thus we can see that virtually all desalination proces scs involve the activity of ionic

species, and the Lwe of concentration as a substitLlte is often quite a poor approximation. Ac -

CLIt-ate knowledge of activity coefficients in multicomponent solutions would make it possible to

describe these processes in terms of true chemical potentials and hence to avoid many errors

of intcrprclation and extrapolation.

R. Obtaining Activity Coefficient Data

Any mcasurenlent which gives the chemical potential of onc component of a solution can

be used to obtain activity coefficients, but in practice, measurements on mLllticomponent SOIU-

rions have generally been made either by elcctrochcmica] or isopiestic techniques. Qher me-

thods, such as freezing point, vapor pressure, osmotic pressure, solubil ity, ion exchange, and

liqLlid -liquid extraction have been Llsed less wide] y, and germ rally with less accuracy.

The isopiestic method is simple in concept. The experimental measurement consists of

equilibrating the rnulticomprment solution through the vapor phase with a solution of known ac -

tivity — LlsLldly a sin~e SOILltCfOr which the &LCtiVit~coefficients (Or OsmOtiC COeffiCien’E.) haVC

been obtained by electrochemical or direct vapor pressure lmeasLlrement, The primary pre-

cautions required to obtain accLwate results are: (1) to ensure exceedingly good thermal equilj -

bration of the two solutions ( this is Lwually done by using silver dishes resting on a silver block),

and (2) TOmake very accLlram weighings of the salts and equilibrated solutions to dc~ermine the

concerrmarions accurately. Needless to say, the salts used must bc very pure and their water

content must & accurately known.

‘1’hc isopiestic rncthod is capable of high precision, but for solutions containin~ even two

salt cc]rnponems, the evaluation of the activity coefficients of the solutes req Llircs a complex

mathetnatical analysis, and the accuracy of each final value depends to some extent on the ac -

curacy of every measLlt-ement Llsed in the analysis. For more than two salt components, am-

hi gui tics of this sort have thLw far proven too formidable a challenge.

Electrochemical methods provide an ideal complement to the isopiestic measurements.

Whereas the isopiestic experiment essentially measures the activity of water in the solution

(with the activities of the salt components being obtained throLlgh thermodynamic relations), the

electrochemical methods give the activity of a salt component directly. ~’hey thus provide an

independent check on the validity of the thermodynamic relations used and on the accuracy of

measurements by other methods.
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‘1’!lbtlctivity of a salt, MX, in o mLIlticmnponent solLltion lmay be mca SLIrrd directly if

an clcctroclc reversible to M+ (and a.ffccted hy the concentration of no otlhc:r ion in the solution)

can be found, and if an electrode reversible to X- (and affcctcd by the concentration of no othel-

jon in the solution) can he found. Then, the cell:

“M-electrode’’/MX, 1-120, etc/’’electrode”e”

where

~nM
and lm

x
= tk mold concentrations of the ions M and X

~ = tile ~llc;lD activily coefficient of the salt MX in [l~r multicomponent
solution

E“ = a St~nLhll”Llpo~ential nbta ined from measurcmcnw in sOILltions contain-
ing MX at known activity (or by extrapolation to infinite dilution)

n = rhe nLlmber of electrons transferred (proba.b]y 1)

R = the gas constant

“~ = Lhc!absolute tCnlPtl-atLlr&

F = the l;araday constant

has a potential given by:

(4)

Examples of cation-reversible electrodes are thehydrogcn electrode, metal am:llg:ml

electroclcs, glass electrodes , ancl liquid ion-exchange c]cctrodes. Dxamplcs of anion -rcvcrsi -

hle elec~rodcs arc silver-silver holicle am] lead amalgaln-letlcl sulfate electrodes of the second

kincl, solid state membl-anc c:lcctrodes madeof Agz S or T,nF3, and liquicl ion-exchange clccJ-

trodes. ‘1’hClnOStilCCU1-ate CICC1rOC}lClniCal sYstellls (e. g., llYL1rogen”silver cll~oriL1e) @ve ‘e-
t suits reproc]ucib]. eto+().021mV, corresponding to an error of nbout 2 in the foLlrth decimal place

of log?, or +0,05% in y. other systclms are more sLlsccptible to experimental crrot”s, bLILCvcn

an accurtlcy of +1 mV will pjve y to within t2.5(%, which js a considertlble improvcment over theI
fsctor of 2 to 10 error resulting from the common fipproxi mation that all sctivi ty coefficients

are uni~y.

C!. Pres eming Activity @efficient Ilat:~

How close arc we to reaching i+e stage in which multicomponent activity coefficient data

con bc LIscd with confidence in engineering desi~m? For solmc simple situations, we have :+1rcaLiY

at OLIr disposal the l-cqLlircd data, and the problem is largely one of making it available in a form

which ran be remfily usecl. However, no comprehensive tables of activity coefficient data for

solutions cormining mo rc than one salt component have yet been colmpilcd, although some mea -

suremems arc available OJI nearly a hundrec] systems, and bibliographic reviews have been
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pUbliShC’d. 6’7

‘1’h~ di[liculty With lllakill~ SUCh daffi :{VOi];lb].L7b LlLIS.SfLlllyWidL’ V;l~jCty of SyStCTTISiS

[lie l:wk of a sitmplc ant! general ~hcnretical framework iu which to present experimental results.

l;or relatively di]LltC aqucx)Lw solurions, ther~ is no p rob] cm at all, since the Tlebyc -H~ckcl

th~ory and its si.mp].c cxlensions8’g can pl”oviclc an ;lccllrate estimation of activity coefficients

in ~{ui[c conlplex electrolyte mixtures, provided the total ionic strcnglh is below O.lm. If the

ionic strength exceeds this limit, errors greater than 370 at-c encountered for univalent elec -

troly~es, and :~t ionic strengths exceeding 1.0, the thcorctic:d expressions lose all predictive

V;llLICbccilllse of the complex and spc:cific association phcnolmcna between ions. This is precisc -

Iy tbb range which is of most interest for Llcsalinaticm. ‘1’he sitLlationis even wot:scwithpoly -

valent ions, since a whole series of stable ion pairs and coordination colnplcxcs may be present

in the sol Lltion.O ’11

Acrivity coefficients for elect rolytc:s crmtaininga single salt componcnthavc invariably

been prcs entccl in tabuh r form for ~]11 concentrations highrr Lhan about O. lm lIccaLw c of the clif -

fiCLllLy C)f findin; a si mplr al gcbra i.c form [or [he fLmction. For the same reasons, accurate pre-

sentation of data for sol Llticms cmm ining two or lllore salt components becomes exponentially

Illot”(? L’LIIllbCtWOmC!. ‘1711Cin:] jor components of s c:l w at r~- arc the ions Na’ , ~J-, Mg’+, and
@ -.

‘1’hesp ronccntrations o~-e restricted by tht elect roneutrali!y condition, so that there

arc only Lhree independcnt] y va r i.ablr components in a sol Lltion conmining these four ions. If

we incl Ldc rh c tcnlperature as ml additional va riablp , and consider all accessible rmges of

conccntrarionj a compilation of activity coefficient data to cover in l-casonable detail the SOILI-

tj.ons containing thc++e four ions WOLIId rqui rc thousands of measu remcnts. Of this hypothetical

-md some of this i.s not as accurate~olljpilfltioll, we can at prespnr sllpply abOUt 1(%of th~’ data> L

:1s w c WOLlk~like.

AlthoL@l wc know the activity coefficients of solutions containing each possible salt com -

poncm (i. e., Na(H, Naz SOi, h’lg~lz, M@OJ ) alone in water, only for NaCY has a substamial

temperatLl re range been covm-cd. 17LlI_therl110t.”c, wc know the datn for most solutions with two

salt romporwnts only at 25 0(:. Since smmc h cat ol’ nlixing data is also available, this migjlt be

cxtdnded 10 to 20° in either direction witho~lt the loss of too much accuracy, but prmlictions for

mLlch hi gher tcmpcramrcs coulLd be qLlite Lmc6rim in. W r have only scattered data on tmixtu res contain -

in~ llmec salt compcmmts, D)OSLly at COITIpOSitiOllS L?1OSCtO thflt Of Sca W+lLel”.No systematic

stud y IKIs been made over H range of concentrations, and vi rrually no tcmperatu re dependence

data :+rc fivailab]c at all.

Tf wc now cons idcl- the other components present jn sca woter, brackish water, and

v;l rious inland sal.in~ waters, the possible number of combinations becomes staggering. Addition-

al species which are relevant inchldc ~a2+, K’, SL-2+, l{’ , H(:03-, ~0~-, Ljr’, T302-, F-, OH-,

H3130s, dissolved CX]z, dissolved [lz, as well as nLwnerous trace metal ions ,Ind organic matbri -

als. Only an infinitesimal fraction of the rccluired data is presently ~vailablc.

cc rtain] y, the immensity of this requi rcd bocly of data COUICIbe greatly reduced by means

of adequate theories of ionic interactions. Even empi ricd relations which are orders of
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and empirics

and complete dat:l than wc do now.

1>, Fiarrmd’s Rule

At present, one importmt simplification tlmt has bc:en made in exp rcs sing (lata for mLIl-

ticomponent conccmtrations greater than 0.1 m is t17e use of HQrn~d’s rLdc, ‘;’ 12‘ 1‘1 an approxi -

nxlcc mnpi rid rtilationship developed for solutions with two salt components:

(5)

Whpre

1 = the ionic strength ot’ the solution undrr considcr:ltion

YI z = the mean octivity coefficient of salt 1 in tile mixed clcctrolytr

X2 = the ionic strcngtll Fraction of salt conlponcrtt 2

ylo = the rnem activity coefficient of 1 in ;l solution containing only tho t salt, but at the
same ionic smcng~h I

Thus, by using data obtained in a sol Lltion with only a sing] c salt component (~ I o ) t~,gcthm with

thC COI1’lpLWiCiOllOf th~ S()]Llri(IIl With twCI Sidt COl”llpOII&llls ( I and X2 ), one u:ln CL1]CLIILITCy, ~ frOlll

CY~2 or vice versa..

‘1’hc adwmtagc of lh is kl t.’malislll is that mI z is a much leSs L’on@kil~~(/ fLmclion ol’ conl -

posi~ion. l;or most systems stLldi.ed Lhus far, rhr I la rned rule mell”icient ml z or az I hos been

found to be virtually indcpendem of X2, and in some LeaseH (e.g., NaC1-Na,SOq 01- Nacl-l<cl)

newly independent of T as well. 7’ ‘ 5 ‘ 1‘; A comprehensive tubLlk prcs t’ntation of y 12 WOLIILI

reclLlire about 800 nLlmerical entries for each pair of salt components. [lsin~ 1lamed’s ride,

this ldde can bc reduced (in these latter cases) to two nLlmcrical values ( 012 and GIZ1) With

little loss in accuracy. Clearly, his is dcsirablp if it can be done.

Still more desirable would be the possibility of caIcukting -yI z enti rely from Lists for

sol LItions containing each of the two components s cparatrly ( i.e., from ~ 10 allLl }20 ), bLlt this

has not proved sufficient y accur;lte, In some C:Iscs, howevw-, a theory ol’ rhis Lype ( Rrksted -

Guggenheim, for example) can provide a better csti mam of y 12 than simply nrg] cctinx the spec i -

fic interactions entirely (a12 = f12~ = O ),1’ 6’14 ‘1’he obvious txtcm+ion of rhesc ideas is thp

possibility of cnkuloting activity coefficients in solLltimw containing thrrc or more salt com-

ponenm from dataobtoined in si n>p] cr sol~lrjons. Thus far, not cnoLlgh Lki[a have been COIIcctcd

to assess how accurately this can be done, although some progress has been made in COrrehtillg

heats of mixing.17’ 1g

E. (7hemical Models

(he approach which may prove frLlit’ful, particLdarly for solutions of many components,

-7-
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is the “chemical model. ” Al[hough it is well known that ionic intcraccions in relatively umcen-

tratcd solu[ions do not obey the rquations of simple chmticd &qLlili.bria very :lccurmely, it is

possi blc, part icLdarly in sol L[ticms where one salt component dominates, to dcscribc approxi -

rna[cly the ~fferts of compositional vari .ations on the activities of different components by a

relatively simple lnodel in which the strongest inter;~ctions are treated as ion-pa i ring cquili -

b tria. A si~mific:mt’ :Lpplication of this :~pproach of natural water s ystcms was the (h T-IXI,S and

Thompson chemical Illodel for sea water ]” in which relatively c rude approximations were made

for Calclllating activity cocilicicnts. independent elect rochcmical measu rcments of th c fraction

of ioni ZCLImagmesium~ 0 and calcium 21 have lent considers.blc support to the concl Lwions ob-

raincd from this model, and :1 recent critical rccvalLlation of these mcasurements~ Z has i-csult -

6L1in even hcttct- a grcwlmmt hctwcc!n ca~cLl~a.t’ed :!nd mcasLI rcd values ( Table I). lt is ptmticu -

1arly inter estin~ to note [hot three completely independent cxpcrimcnml esti matm of the per-

centage of free M~2’ in sea watrr agree with the calcLdated valuti within + 170.

‘l’able I. Percentage of lhmssocj.atcd ~a~ions in Sca Water at 25 0G, 1 Atm.

Chlculatcd 10 [.;alcul,atcd22 MtasLlrc’c] Method

lrcc Na+ 99 97.7+ 0.1 97.7+ 0.1 G] ass Plectrode22

Free MS2+ 87 89,0+ 0.3 88.1+ 0.3 I .iqLlid ion- exchange elec -
mode2 2

88 Liquid ion -exchange clec -
~ro~eio

90 ~Jltrasonic ~bsorption2 g

90 Volubility of Mg(C)H) z ( bru -
cite) 24

~?r~c ~L12+ 88.5 + 0.5 86.3+ 0.9 LiqLlid ion-exchmtge CICC-
trodc22

82.0+ 2 1.iqLlid ion -exchange elcc -
trmlc’ 1

Admittedly, sea water is a mediuln of relatively low ionic strength ( 0.6 7m) and consists

primm-ily of Na~], but thrrc is no doubt that a chemical model can be of considerable predictive

value in more concentrated solutions. For systems of relatively weak association, an ion-pnir -

ing model can Kive as good a fit to experimental measu rclmcnts of activity coefficients as can

I Iarncd’s rLlle. Thjs has been verifi.cd for the lmLdticonlponent systems Na(;l -Na2 Sod, 2a Na~l -

NaH(;O, -H20, and NaCl WNa2C,03-I-120, 2 ‘ and deserves further investigation in connection with

mot-c complex s ystcms. An i~mporrant aspect of this problem, which has not been fully clarified

-8-



yet, is the extent to which various nomhcrmod ynarnic as sumpcions involved in the chemical

model affec~ the prediction of data which are imporrant for desalination system clmi~m.

What does this mean for the designer of practical desalination systems? certainly hc

will nor wait until we have compiled libraries fully of activity coefficient data. But neither

should he be fo reed co carry out his calculations with the meager amount of badly scattered

data that we presently have available. [f ~ theoretical framework for treating thermodynamic

data for multicomponent systems is developed, then enginecri,ng dcsi~m data must be measured

under actual operating conditions, and optimizing d] c many variables involved becomes an

enormously difficul~ task. Indeed, one may reasonably expect ~hnt Iibrfirics full of engineering

data of less theoretical value, covering a considerably more restricted range of compositions,

temperatures, and pressures, will eventually bc accumulated.

We have tried to show here that for virtually all types of desalination p recess design it

is desirable to have a large and Varied body of activity coefficient data available. We have also

tried to make it clear that only an extremely Iimited amount of such data has yet been measured,

and that for even relatively simple systems it is quite essential to have a theoretical frame-

work, no motter how primitive,

tabulation to a manngcable size.

to reduce the number of experiments and the amount of data

-9-



A. Introduction

l)espicc the critical importance of bicfirtxmaus and carbonate’ ions in natLlral water sys -

tcmls, little is known :lboLlt the activity Coefficients anc iOn-]~ai l-ing CqLli]ibriLl Of these Spccic!s

in the presence of alkali metal cations. Only one indiwct study IMS been madc:z 7 of the activity

uoefficicnts of Nal 1C03 LlnL~No:?~OS done in LlqLlc’oLlssolLltions, hut no direct mm surernents

havr Mwn made of multicomponent activity coefficients, either of Na(31 in the presmcc of ctlr -

bonate species, or of carhnmtcs in thr presenc~ of subs[:mti al conccntr:oticms of Na(I1.

On [he other hand, a large body of dato 1];]s been collected cm the pmtonation eclL]ilibrii~

of L’arbonatcs, 11’ ‘H’ ‘y mostly i.n media where extrapolation to infinite dilLltion is possihlc.

Attmnptszg ‘ s 0 have been made to obtwin clLm_Ltitative information aboLIL ion-pa i ring equilibria

from s L!ch d attl, but these ~-est on ;~ number ol’ ad -hoc assLln)ptions regarding sin#e ion activi -

ties and thr consmncy of liquid jLlnctiml potentials, ami for that l-eason u rc di Niclllt to rela.tc [0

thermodynamic data. z’ 91

Scver91 experi mcms were Lidsi ~~lcd to obt~li n the thermodynamic mean :jctivity coeffi -

cient- of Ns~l in the presence of NaHcOS or Na: C03, am] the rcs Lilts were examined using an

approach which inrl Ldcs nn~ only the ion-pairing tqLli 1ibl-iu but also the effects nl’ the prcmma -

ticm ccluilibria. In this way, wc arc approachl,n~ more closely the type of treatment which may

give a useful chemical model for saline solutions nl’ practical interest, and thLls the approach

is an inst rLlctivc step in the dcwelopment of sLlch a chcmicol model.

‘1’he basic assumption for intr~-preting the mr:m activity coefficients of No (;I in rhc mLd -

ticolnponent clccmolyte was described before. 2 ‘ This is th~t the observed [nean sctivit y co-

efficient, y ~~, [or NaCl in lhe 1“1”]ldticomponent ?] cctroly[e devi atcs from that obs ~L_veL! in pure I

Na~l ~1t the same irmic st rcngrh, beLXLISCIIc cmctnr ration of f t-ee Na + has been depleted by dle

formntjon of ion pairs. s 1 Th c nwx~cl incorporates si nlLIlTaneously the two previoLIsly postLdateLi

ion pai H NaH(203 and NaG03’ , as we]] as [he pl”otomltion eqLli]ibriLlnl t“c]atin~ I {(.;~~” and

(:0:- .

W c have left Llnchargrcl H, (303 nnd dissolved (floZ OLItof this model becaus c our mea -

s Llremcnts me made at pl 1 valLIcs high enough that these acidic spccics are ess cntially

*Port of this work h:]s been pLlb] ished in J. Pl)ys. [lem., 74, 2976 ( 1970), Prcsentc:c ot
the ~y mpos ium on Metal Tons in the AqLlcolls Envi mnment, 158tll~a riond M ceting of the Amcl-
ican (Uhemica] Society ( Divisirm of Watrr, Air, :Ind Waste (Ylemisrry) , New York, Septenlbct-
1969.
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negligible. The difficulty with including COJ is that onc must then distinguish between m open

system at constant partial pressure of (:02 and a closed system i.n which the toull amounr of

C02 in gas sncl solution phase is conserved. This distinction does mt arise if only ~he ionic

carbonate species are involvd. Tn actual practirc, one may encounter closed systems, open

systems , or partifllly open systems in which the concentration of C02 in solurion is govmmcdj e.g,,

hy the rate of diffLwion of ~OZ away from the solution in [hr gas lJhd Se, flnc~ thLis lhc cquilibrimn

so] Lltion concentrations moy be ti rile-d CpendCnt htc:~usL7 of theSC PffeC[s. of COLl!“se, sLICh a

more complere model would be of wiLler applicability of natura 1 wmcr systems, and coL~ld be

developed.

B. Experi menral

Activity coefficients of NaCl were obtained as dcscribcd previoLlsl y l’rom potential mea -

surements of the cell: 1’ 3Z’ ‘3

Na ( Hg) /No(l, NaX, H, O/AgCl/Ag

(wllcre X represents H~O, or 1/2 [~oi- ), ~1- from measurements of the cell:’~

No gkss/NaCl, NaX, H20/AgC1/Ag

Two different rypcs of Sodium-se]cctive glfiss electrodes were Llscd. Electrode B was

a [-leekman no. 39278 sodium-ion electrode ( glass romposition~ 5 ‘ 36 I.AS - 10-23), and elecrrode

(; was a Corning no. 476210 sodium-ion clcctrodr ( glass composition NAS -11- 18).

Solutions were prepared by weight from Fisher Certified rengcnt gr:~dc chemicals :md

triple -di stillecl water. NaCl conrained less then O.01% hromiclc, less than O.002% iodide, and

less than 0.0002% matrrials rcduciblc by sodiLlm amalgam, Nal l[;O~ and Na, COS contained lCSS

than 0.00370 chloride, less than O.01% bromiLie or ioLiide, an~i less tlmn O,0005$!0 redL1ciblc metals.

Solutions were analyzed for cIIIoridc by porcntiometric titration wirh S@ IId+ld AgNOs, for c~lL’-

bonate by potentiornctric pl< titration with standard 11(;1, and for bicarbonate by titration with

standard N:~OH. ~,rans 7 plots of these timation curves indicated ncgli~iblc mate~-ial other tlmn

chloricie reacting with the silver ion, ancl less then 0.2% excess base in the carlxmotc.2’ 31 lTOI.

the amalgam electrode measLwements, 0,00 h NaOH was added to rlw Na(:] stock solLltion ro

minimize hycirogen evolution. l-he PI I of rach m ix~d soluri.on was mdasurcd sepamtely.

C. ResLllts

Representative potcnti al measLn-erncnts obtaineLi wj th the omal~am cl rctrodc cell o rc

given in ‘l%bles II and TIT, llc values ( AE) given arc the difference in potential be~wccn a CCII

comaining rhe mixed electrolyte ancl a cell cont~~ining the NaCl stock soluriml. “1’hc :1nwlga m

composition was tbc swine, since both cells were feLi from the same ilmalg~m rcwervoir and

were measured simultmaLlsly. The Ag/AgCl electrodes were matched to bertcr than +0. 01 nlV.

Activity coefficients of NaCl in the mixed electrolyte (y, 2) wer’e calcuhrcd from rhe equation:

-11-
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“M)]L? H. AcLi vitv Cm.’i”[ici&llLML7:lsLlr(?mLvlts in N:ICTN;IHC!():3
E1<CTIWI)JLLWat 25 “c

IC(!ll: A~/AgCl/Ni](H, N;]HC(.):3, H20/Na(I I\<)]*

mxd hMIiC
strength

I

0.50:31

0.507:1

0.,5133

0,5215

0.5240

1.(Y)HI

1. (Moo

1.0115

1.0049

1, 0000”

0. 74X6

0.,50,5,5

0. 1793

(). 0’76 I

I.0000”

0.4122

(). 1135

0,0444

pl I

1.1.02

8.8:3

9. ()

H. (i

8.4

8.2

AE ,
H]v

()

8.,50
8.25

18. Is
1H. 30

‘i8, ()()
4H. 30

68.,50
08. ()()

o

27.20
27.28

62..50
62.70

87. 10
87, 30

O. 1[>72

(). 1791
(). 1770

0.1782
0. I795

0.2092
0.2117

0. [974
(). 1932

(). I8:38

0, 2102
0, 21(N

o, 22245
(). 2234

(). 2255
(). 2272

o. 1.784
0, 1763

(). 17(77
(). 1780

0.2064 ‘?
(). 2089 ?

o. 1.941
[). IH9~)

(), 1824

(j. 2087
0, 2094

0.2219
0.2228

0, 2252
(), 22(39
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ICell: Ag/AgCJ/NaCl, N;] ,fK)3, 1120/N;I(l-ljj]

Tc)ta I I(mi.c
stl-L’llgth*

o. ,s68s

0.5575

(). ,5062

(). 4(W)

0.4585

1.031s

1. O(YJ2

0.9923

0.9883

3.0487

3.0247

2, 9973

2.9762

2+ 9,52:3

1.03 I5+
1, ()&@

2. 6857+

2. m2*

—

xl

1.0000

(). 9096

[). 4[368

(). 1880

0.0944

I.0000

0. S069

o. 1:357

0.048:3

1.0000

0.7459

0.4831

0.2621

(). 05:12

I.0000

(). .s0.51

0.1444

0.04,58

pl i+

8, 3

10.24

lo. w

1.1. [)7

10.99

[), 04

10. 1

10.8

10.9

10.90
10.08

1.1.15

11.00

1.1.35

y, (J4

10.3

1 [.0

11.2

AE,
m v

o

3.,57
3. 7[)

Z(jqg~
2(>.65

S(>+50
5(1. 10

77.30
76.97

()

245.50
~,~, 40

66. 10
6<5.80

94. 28
93.95

0

1.4,70
14. (m

31, 80
:31.71

,54.40
.54. :K)

100, 92
100. 6S

o

15. 15
1.49°

45.64
4,5.88

74.50
74.34

(), i707

(). 1707
(). 1718

(). lti17
(). 1789

(). 1794
(). 1701

0. IN):]
O. 1865

0.1832

(). 208>s
(). 2070

0.2265
0.2240

0.2301
(). 2273

(). 1448

0.1845
0, 1786

0.2112
0.2104

0.2475
0.2466

(), 2715
(). 2692

0.1832

(), 244 I
O. 2426

0, 2764
0.2744

0.2797
0.2784

(). 1069

0. 1671
(). 1682

0.1812
0. 17M

(). 1821
(). 178H

o. 1932
(), 1904

(). 1824

(). 2081
0.2072

(). 22(W
(). 2244

0.2308
0.2280

(), 14fi5

o, 1851
0.1792

0.21.12
(). 2104

0.2475
(). 2466

(). 2719
0.2696

—

—
—

—
.—

—
.
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(6)

with H“ evaluated froln the known composition ancl activity coefficients of the Nacl stock solu-

tion. 12 (-;orrec.tion of ~, p to roLmd ionic strength was made by assumins Ha rncd’s t-u] c: 1s

logy]z = logylo – u12J(1– X1) (7)

whel-e q 10 is [he mean activity coefficient of Na(ll alone at ionic strength I, and a 1z is esti -

n7ate~l ft..onl the uncorrected data. A second iteration did not change the val we of ~, ~ obtained

fronl th~ corrcctcd data.

Within experimental error, I kmned’s I“Lde was obeyed for rhe amalg~rn electrode mea. -

sLlrcmlcmts in all solutions tested. ValLIcs of N1 ~ obtained by a least-sqLmrcs fit to the correct-

ed y ~z data in q’ablcs 11 and 111are given in Table IV. l;rom all solutions testeLl at ionic

strengths frolm 0.5 to 3.0, whmher the second component was NaHCOs or Naz CO:;, the Ha rncd

rLIlc cocfficiem fell in the ran~c 0.045 to 0.050. This is an Lmcxpcctcdly simple result.

Table IV. Hw-ned RLde Chcfficiencs

Na(;l-NaHCO, 0.50
1.00

8.2 to 9.2
8.2 to 8.6

0.050 * 0.009
0.045 & 0.003

0.50 10.2 to 11.1 0.048 + 0.016
NaC-NazCOj 1.00 10.5 to 10.9 0.049 + 0.003

3.00 10.9 ‘co 11.4 0.044 + 0.003

Note: 1 is formal ionic srrength, held constmt for the series. For NaC1-NaHC03, I
= m, 1- n12; for Na~l-Naz~OS, I = ml + 3 mz, Effect of protonation equilibria on ionic
strength not includecl. Errors on o ~2 are 95% confidence limits obtained by the tmethod of 1cast
squares, allowing the intercept to vary.

The glass electrode measLlrcments in ~enrral confirmed the almalgam clecia-ode results,

bLlr WC!re less pl-ecjsc and ~3pparently also ]CSS aCCUr&lte. In particLll~r, systematic d~via~ions

of the ,@ss elcctrodc measurements ( Pig. 1) occLlrrcd at low fractions of NaCl in a direction

which would imply that the activity of sodium ion in rhe vicinity of the @ss sLn”face was cons-

iderably enhanced over that in the bulk. (These deviations were not observed with the almal -

Wnl ~~e~~l”odc cell.) The most pronounced deviations of this type were foLmd in dilute Na cl -

NaHCO S electrolytes; they were noticeable but less pronounced in NsCl -Naz COS electrolytes

at ~ow concentrations and were neyligiblc at high concentrations ( l~ig. 2 ) . Differences b~~een

g]a ss electroLlcs B and (7 were noticeable, particLdarly in the di~Llte Na.Cl -NaHC03 electrolytes.

Full data from these experiments are available. z’ 31

-14-
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Fig. 2. Activity coefficients of NaCl in \’aCl-Naz C03 electrolytes at ionic
strength 3.Om



‘1’hese differences appear LO result frolm a specific hut as yet undxplainml effect on the

glass elc!ctrode, Although [ttc solutions L!secl in lhc amalgam electrode experiments were some-

what more basic than those used in the ,@ass elcctrocic experiments ( beca Llse of Lhc addj tion of

approximately 0.00 h Na.[)11 to the NaCl stock solution), the effect of this on ionic s treng~h is

rqligi Mr, corresponding to 1ess than 0.002 mV c rror. Tllc amal~a m elcctrcde experiments

were also carried out in closed vessels using solLrions samrated with hyrlrogcn, but any con-

centration changes due to removal of cartxm dioxide by the hydrogen were c,sti mated to have a

ne@igiblc effect ( <0.05 mV ) on the observed pcltcntials.

Sjnc-e the sam~ set of Ag/AgCl electrodes was used for all experiments, this electrode

cannot be the cause of the observed differences. No effect of hydrogen-saturated solutions com -

pared to oxy gcn or carbon dioxide-saturated SOIL(Lions is known LOoccur; in the presence of

lm chloride, formation ol’ Agzo reqLli res pH valLIes hi@r than 13 and lbl-ll”liltion of Agz COs iS

not cxpectcd Lo occur at all. 11

Amalgam electrode dissolLltion in solutions of pII = 8.5 to 9 mi,@ have caLIscd an excess

conccmration of Na+ to build up in the vicinity of the elcctrocle, find thLw caLwed deviations from

Harried’s rule toward ‘larger Y1~ values at Iow NaCl fractions. SLirprisingly, dcvia~ions in this

direction were observecl with the glass clectrodd but not with the amalgam elect roclc.—
TINIS, rhc deviations of the @ws electrode mcasurcrnents cannot lx cxpl:lined by any

simple experimental effect. ‘I%e dcviarions are apparently reprodLICib] e within 1 mV using dif -

fcrem glass ~lectrocies :mcl making measurements at di ffertmr times on cliffercnt so] miens, and

may possibly bc attribLlted to a specific adsorption of sodiLml iononthe glass sL[rface which js

somehow a idccf by the presence of bicarbonate ion in solution. ThLIS, the use of sociiunl-sclec -

tive glass c1cctroctes in carbcmatc -containing sol Lltions shoLdd bc temperc:d with some caLltion,

since deviations of sevc ral millivolts fronl the [}lcrmodyna mic valLms may be obLainecl.

w c also carried out a few measLmements of the protonation equilibria in NaCl media of
.

ionic strength 1.0 ancl 3.0. In these experiments, we kept the Nacl concentration hi~ll cmnpa red

m the total carhnatc concencrntion , ancl Llsed a CC1l withouC ]iquid junction. Since Lhe solLltions

concain a l’ixecl concentration of ch]oricle already, the reference cl~ctrode was Ag/AgCl. The

indicam r elect roclc was s conventional glass p[ I e] ectrmie (Beckman 39301). ‘l-he potential of

the CC1l:

Ag/AgCl/~l-, No+, CO?-, HCO, -, etc./@ws

may be written in ~hc fOrIn:

-++
{

In [H’] [Cl-] (Y2J, )2

/

(8)

where we have expliciti y expressed the fact that ~z ~, the mean activity coefficient of 11(3 in the

mediLun (Na(;l), is to be usecl.
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Tllescactivj,~ coefficicnr values in 11(1 -NaCl electrolytes have hecn measured by

IIarned and coworkers, 3* and may be represented by llsrncd’s rule with thd cocf[icient uz I,

= +0,0315 at I = 1 and W2~ = +0.0300 at J = 3 (here component 1 is Na(l ancl component 2 is

HC1). l’he mean activity coefficicnw of pure ITCI ( y ~0 ) used to obtain y Z1 from these cocf -

ficients (o, I ) were obtained from [he tablc:s of Robinson and Stokes. 1z The results were

y ~~ = 0.7499 at I = 1.054111 and y ,1 = 1.063 at I = 3.098m. [Jsing these vt~lues, together with

the known chloride concentration ( [ (;l- ] = I), we could relate E and [ 11+] quantitatively.

The glass clcctrodc was calibra~ed to obtain Ii” by LIsing a lx)rax-Nn~l Imffcr ( 0.01038m

Na, }1,07 and 0.01925m N~C] ) of ionic strength 0.030. It was known” to” have:

p ( aHy cl) = –log
( )

(Y 21)2 [H+] =9.239 ar25° C (9)

ancl [ Cl- ] = 0.01925. lZOwas calculated from Eq. (8),

In the Titration of N~l I(X) ~ with Na011, the equation’)

1K,=— (
1–0

\ ( 10)
[H+] \@+ K,, [lI’]

where

~= CV–(V+VO) [OH ]

Qnd log 1<12 = 6.0

gives s value of 1<

.

co Vo

ref. 40)

for ~ach point. FO r the titration of N92 CK)3 with Hc1, the equation:

/ q) \
(11)

Whcl-e

~= Cv+-(v+vo) [011-]

co Vo

gives a value of 1<, for each point. lrlle inclusion of K,, in Eq. ( 11) causes a change of

<0.005 in log K ~ for pI{ >8.5. ] The computer programs for performing these calculaticms on

sodium carbonate cirratccl with H(;1 (CARJ32) artcl on sodium bicm-lxmmte titrated with NaOH

(BICARB3) arc listed in Table V. The results of calculating the data from our three most ac-

curate expm-imcnts arc given in Table VI.

The variab] e PCT is the percent of the total titer value assumed to have been prescm in

the initial sample. For exa lmplej FCT = 8 i,n the titration of NaHCOs with NnOH means that

we have assumed that 8% of the Nal IC03 was converted to Na, (;03 by loss of C02. PCrl’ = O

-18-



12/16/69

>rlllMP
Ti7 /CAR1?~/
NEW FII. T

>TYPE ALL

I.@l TyPP ““TITRATION OF 25 ML NA2C03(W2) IN Ml NACL WITH lM HCL””
1.1 DEMAND DATA, PCT
1.12 OPEN DATA FOR INPIJT AS FILE 1
1.15 READ FROM !: ~1, M2, G21, EB
1.16 VCOR : 25*P12*PcT/10@
1.17 TYPE Ml, M2, WI, ‘ZB
1.2 E(I = EB + 647.9. L2 = 2* LOG1C!(G21)
1.22 TYPEWEO
1.3 TYPE

v
1.4 READ
1.5 CL z
1.6 P}{ :
1*K1 v z
1.65 OH
1.66 PHI
1.67R=
1.R8 R =
1.7LKI z R+PH
1.71 LKI z fl IF V-=:fl
1.75 IS = ((Ml+3*?12)*25 - V)/(V+25)
1.8 TYPE IN FORM 1: V, F., CL, PH, LKI, IS
1.9 TO STEP 1.4

E c 1+ PH LOG K1 I-

FROM 1: V,E
(25*Ml+V)/(25+V)
(Eo - E)/59.15 + LOGlm(CL) + L2
v + VCOR
I 10n(PH-14)
z (V + OH*(Vi-25))/(25*P12)
LOGlfl(PHI/(1-PHI)) IF PHI ==1
-PH IF PHI>= 1
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Tal.)lL) V (Cont.)

>L(JAD
FROM /13TCARB3/

>TYPF ALL

1.!71 TYPE “TITRATION OF 25 YL NAl[C03(!12) IN :11 NAC1. WITH lbl Nflot!”
1.1 DEVANi3 DATA PCT
1.!2 OPEN DAT,4 h)R INPIIT AS FILt7 1
1.15 READ FROM ~: ml M2, G?!, F)?
1.16 Vco? = ?5*w?*Pc’f/lb9Pl
1,17 TYPE Pll qq O?] EP
1.2 EO : FR J 64;.9, i2 ❑ 2* LO:IF7(G21)
1.22 TYPE,rFO
1.3 TYPY

v ~ c L PH I,OG K1 1“
].~ READ FROT ]: v,F
1.5 CL ❑ (?5*rll+v)/(25+v)
1.6 PH ❑ (’Fi7 - F)/59.15 + LOG1O(CL) + L2
1.61 V: V+ VC(’)R
1.K5 OH : 1L3-(PH-14)
1.66 P}{I 2 (v - r)l{*(v+25))/(25*P12)
1.K7 R = PH IF PHI <=(3
1.675 R :PH IF PHI >:1
1.68 K}{ : 1!3-(6-P}{)
1.K? R = LOGl(fl((PHT + KH*(PHI+l))/(1-Pt{r))
1.7LK1 ❑ P){ - R
1.71 LK1 ❑ FI IF Vc=ti
1.75 IS = ((MI + P12)*25 + 2*V)/(V+25)
1.8 TYPE IN FnRY 1: V, F., CL, PH, lLKl, JS
1.? TO STEP 1.4

FflRN 1:
%Zit.%z 7%%%.% 77.7727 7!%7.7%% %%%.?77 ~~a~~~y

Note:

G2 I = meaII uctivity coefficient of H~l in Na~l solLltion

EB = polerltial of CW1l111smndal”d hLIt’ler’ su[ulion (sin! Appendix)

V = ~itr’il~l[ VOILII1lE!

E = pmcntial after addiliwl of V ml of tilra[ll
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I?ATA : “P71 ‘

c L
1.R127
‘1*f1127
1.fl17.7
1.012?7
1.F1?7
1.!7127
1.0127
1.01Z7
1.0127
1.0!27
1.n12&
1.017.6
1.0126
1.0126
1.m126
1.0126
1.[3126
1.n126
1.f!126
1.0126
1.0126
I*D125
1.0125

PCT : IF
L(-JG Y[

!).81!7
9.7;37
9.767
9.754
~*750
9.74s
9.7417
Q.73fl
9.733
9.733
9.732
Q*739
9.7313
?.728
~.734
9.742
9*756
9.742
9.765
Q.SOR
9*857
9.99!3
F1.flflfl
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TITRATION OF 25-ML NA2C03(M2) IN Ml NACL MITH IT HC1.
DATA = ●P76
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means that no excess nclcl or base is present,

In the titration of Nsl 1C03 with NaOH, PCT = O yives values of log KI which decrease

systema~ically as Lhe titration procccds. In contras L’, I?(;T = 8 gives an a].most cons Lant value

of IOg K,. In [IICJtitrtltion of Na, (X), with I-ICI in lM NaCl, the most constant value of log K,

is obtained with PCT between 5 and 10, but the effect of changing PCT is mo]-c m shift the data

w a group than to charrgc the systematic trend, and an accul-ate estimate of PCT is not possible

( l?CT = 10 Rives good a~reernent with NaHCO~ titration). In the same titration in 3M NaCl, a

much bmrcr fit is obtalncd; this time with PCT = 1, indicilting that rhc Naz (;OS as inlrially pre-

pared probably contai.ncd 1css than 1% of free acicl or base. W c bcli eve that in [hc SOIutions used

in the lM Nacl ~itrations the NnHCOS lost about 0.002M COZ to rhe ~tmOSPh~rC and the INAZCos

gained about 0.00IM CO,. ‘1’he results of these calculations are summarized in Table VII. Some

values of K1 at lower ionic strengths, calculated from the pl 1 of stnrrdi~rcl buffers,l 3 are also

includ ccl.

I). i)EKmssloN

The first question to be cons iclerccl is what effect the carhonatc protmmtion equilibria

may have on the measured values of activity coefficient for NaCl in the presence of carbonate

or bicarbonate. Shifts in these equilibria under the conditions of our experiments could result

from loss or gain of C02. This would not affect the concentrations of eithc r Na+ and (H-, bLlt

the total ionic strength would bc affected because of che transformation of two singly-charged

ions into a doubly-charged ion (or the reverse) :

2 IIm- =- co:- + co? + 1-120

Loss of Am mol/kg of cO, would increase the ionic strength of the solution hy an amount

Am. (~LIr observations on the relatively Ldilute carbonate and bicarbonate solutions Llsecl to de-

termine 1<1 inclicatec] (hat during the nmmlal coursd of laboratory manipLk~rions, withou[ taking

s]mcial precautions to seal the solurion Qgainst the atmosphere, N:IllCOa sol~ltions los~ :l~Llt

0.001rn (;02 ancl Na2 (X)3 solLltions gained abour 0.001m C02. The partisl prcssLlre of C02 above

a bi.cartxmate solutionwith pl { = 8.5 is approximately 1 torr, ant] that above a carlmnarc sol Lltion

with pH = 10,5 is approximately 0.001 torr. 11 This gain and loss is thus reasonab].c when one

considers thar the normal partial pressure of atmospheric C02 falls well wirhin this range.

What woLIld then bc the expected ma~~itwcle of rhc effect of Coz gain or loss on y ~z for

Na(:l in thr mixed electrolytes wc 11OVCbeen stldying? At ionic strengrhs nca r 1.0, a chxngc

of O.lm in ionic strength produces a change of aboLlt 0.001 in log y 1~, corresponding L“OIcss

than 0.1 mV in the measured cell potential. At ionic strengths near 3.0, a shjft in T of O.lm

produces 9 clxqe in log Y ,2 corresponding to about 0.3 ]mV. The expecrecl exchange! of C02

wirh the vapor phase is considerably less than O.lm, an~l thus these effects are made smaller

than rhc rxpcrimcntal errors, and have an en’cirely ncgligibl e effect on rhc mcasu red activity

coefficients.
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TAle VII. Aci Li-llL~sc J3qLlilibl-iumof Chrbonate in NaCl

lnitiol SulLltion

Ionic Strcn@I* NaHco3 , m Na~C(l~, m

1,056 — 1.069 0.0243 0.0031

1.055 — 1.031 0.0010 0.0130

3.098 — 2.925 0.0005 0.0470

Esrinwtc from l)H of Stamiard Buffers $

0.04 0.01 0.01

0.10 0,025 0.025

0.20 0.05 0.05

*Prinlarily NaC1. A chngc of abut 3% occurs during
shifts in equilibria. ‘J‘Ilc val Lies given ilrc the initial and final
course of detcrmininx K~.

l’i[ranr

1.00M NDOH

1.00M HC1

1.00Ivl HC1

pi-I –log y}{

10,112 0.074 10.038

10.018 0.099 9.918

9.933 0.115 9.817

titration becousc of dj lLltiml and
ionic stren@ls calculawi in lhc

J,og K,~

9.75 + 0.05

9.68 + 0.10

9.63 + 0.03

T J@lilihrium constant for the reaction H’ + (X3- =_HCos- ( l~JpAC notation). Smclml
state, unit mnlality to NaCl of ionic strenglh 1.06 or 3.00. Neglecting the minor colnponent of
the initis] solution caused errors ol’ ilbout 0.2 logarithmic unit in K1 for the fi rst two titrations.

l~:~ta from Ref. (13), pp 712 and 716, log K, =PI1 +logy H -1-log (1 - KIK,z [H+]’)-
log 1 + 2K,, [ H’ ]. T H was assumed equal to Y + for H(X.

.24-



‘I%c s ccond question to be considered is a possihl e explanation of the relatively hrgc

and highly consistent values of thti Ha rned rLde cocfficicnt, a I 2, which were obtained in imr

experiments. The addj tion of carbonate or bim rkmate to NaCl at constant ionic srr~ngth de-

creases the activity of NaCl by an o mount co responding to as much as 10 mV in pot’cntj al; and

a natural explanation may be sought in a model where ~cm pa i rs such as Nal lC!O~ and NaCO~ -

are formed. A sirnplc criterion for’ the self-consistency of sLlch a nmlel is whether the forma-

tion constants of these rolmplexes are relatively independent of composition at constant ionic

strength, and whether the variation o f the formation cons wnw with icmi c strength is consistent

with expectations based on charge type. A final cri [m-ion lies in the a ,greement of calcLdations

based on formation constants oht;l ined from activity coefficient measurements, with observation

of the effect of different ionic media on the carbonate p rotonation equilibria.

Previous estimates of ion-psi rin~ equilihriLlm conslants lo’ ‘0 have d cpcnded on rather

uncertain valLles of activity coefficients for alkali carlxmates ancl bicarbonates, 27 p}l measurc-

mems in cells with liquid jLmction, and nonthermod ynamic assLunpticnw for single ion activi ty

coefficient s.!1 In oLlr analysis, we htive attempted to bc as explicit as possible about any non-

thermodynamic assL!mptions int rodLlccd, We have been guided in OLIr analysis by the discussion

of the NaC1-Naz SO~ system in a recent paper by Pyrkowicz and I<cster, J 5 who s howcd that for

weak association between Na+ and SO~ ““a rclfitionship app roxi mating I-hlrned’s rLde (with posi -

tive al z ) was obtained from a simple ion-pairing lmodel.

I~or the NaCl (COIn~OnCnT 1) ‘Ni]2d03 (component 2) -N: IIICOS (component 3) system> we

IuIvc made the following assumptions:

1. The species present in [he solLltion in appreciable conccnLrations were Na+,

(7,1-, cO~:, HC03-, NaCOS-, and NaHC03 (a neutral ion pai r).

2. ‘lh c mean activity of NaCl changes only as a resLdt of ion-psi r formation,-

provided the tot,al ionic strength is held consmnt. ‘1’his may he ~xpressecl as:

[Nat] [Cl-] yNilY(21 = (m, +2mz +m~) m, (Y,Z)2 ( 12)

where ( m 1 -!-Ins) is the Lord concentration of sodiLum ion and [ Nil+ ] is the eqLlilibrium ccmcen-

tration of free sodium ion. Since no ion pairs are forlmed by chloride, [ Cl- 1 = ml, and

define the mean activity of free Na’ l/2 :and (.;l - ions to bc yl = ( yNa’Ycl )

[Na’ ] (Y~)2 =(m, +21mz + m,) (Y1Z)2

Thus y! is assumed to be eqLlal to the mean activity cncfficicnt of NaCl at ionic STrenh!h

ve may

( 13)

*. This

ionic strength is calculated not on a formal basis but on the basis of the equilibrium cmcentra -

tions of the varioLw ionic species:

I’ = 1/2 { [Na+] + [Cl”] -t- [HCOs-] + 4[C0-] -t [NaCOS-]} ( 14)
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Th(:sc cqLliJibrium concentrations, in turn, arc obtained from the ion pairing and promnation

equilibria:

[HCO,-] =K, [H’ ] [co-] (15)

[NalK:O,] =K’; [Na+] [I ICO, -] ( 17)

togethc r’ with the mass balances on chc three conlponen[s:

[Cl-l = ml ( 18)

[Na’] -I- [NaHCOS] + [NaC03-] = ml + 21112-I- m, ( 19)

[ Fl(uos 1 + [ Cot-1 + [ NaHc031 + [ Na(:OS - ] = ~1”1,-!- m, (20)

An iterative procedure was LISCd to obtain the best V:LILleS for the ion-psi ring constants

a[ each ionir strenhnh. K1 was taken from Table IV (log KI = 9.63 at I = 3, 9.75 at I = 1, 9,8 at

I = O.5). For the first itcrati.tm, we assLImed log 1<~= +0. 5 and log 1<~ = -0.5, ValLIEWobtained

in a less rigoroLls treamlenr, z’J 1

F mm cacll cxpcrlmcntal valLlc of yl ~, ;l refined value of K; ( Na(;l -Na2 C03 clcctrolytcs )

o r KY ( NtaCl -Na HCO~ ) electrolytes was obrained by the following proccdu rc. Ass Lmling I’ =

1, y, was ohmincd from data for pure NaCl solutions , and using the experimental yl ~ [ Na.’ ]

was Calculated by Eq. ( 13). The remainder of the conccntrarions were cdcLllated using Eqs.

( 15) to (20), and a rcvisecl value of 1’ was calculated from Eq, ( 14), ‘1’his procedure was rc-

peateLl Llntil two SLILXeSSiV~ valLIes of T’ agreed to wi~hin 0.0001, at which point either K~ or KY

was calcula(cd from Ml. ( 16) or Eel. ( 17). The cOmpLltcr programs and Cietaik of the nLmlerical

res Lilts are given in full elsewhere. z’ s 1

‘1’he nvcra gc valLIcs of K] ancl I<; obtained at earn ionic st r“cngth were then LIsed as start-

ing va ]LICSfor s cconcl and rhirc] approximations by the above p:roccdurc. ‘he fourth app roxilma -

[ion gave values of the constants which <differed by less than O.001 logarithmic Lmirs, and these

are given in Table VIII, together with [heir statistical 95% confidence limirs.

‘l-he cLlrvc of log y,, versus Xl calcLd~teLi from these constants is ncal-ly straight, even

in rhe ras e where ion pairing is strongest: NaC1-Na, C03 at T = 3. In Fig. 3, the comparison

is maclc with I IarneLi’s rllle, which seems to be a slightly berter fit to the experimental data.

An additional curve, calculated assLuning 1’ = I, shows what a large effect the formation of ion

pnirs has on the ionic strength of the medium. Although the ion-pairing model seems to give a

slightly poo ret- fit than Harried’s rLde , it has the advantage of being easily extended to systems

ol’ many conlponents, in a ‘‘chemical model. ” Such models arc often invokeclj and the approach

clescrihed here provides a s clf -consistent and minimal set of empirical assumptions.
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for Harried’s rule; logl<:= +0.37, log K~=-O.67, logKl =9.63,
pI1 = 11.2 for the ion-pairing model



Ionic Strength or
Reference

Table VIH. km-l?ai.rin~ Constants*

lo,g K] log K!’

Measured Corr m I .0 McasurcLl Corr LOI = O

3.0 +0.37 + 0.06 40.97 + 0.23 —

1.0 +0.27 + 0.07 -tO.96 + 0.13 –0.67 + 0.10 –0.30 k 0.13

0.5 +0.14 + 0.16 +0.77 + 0.18 –0.41 * 0.19 –0.08 + 0.20

Ref. 30 +1.27 –0.26

R~f. 29 (<0.01) to.55 to. 16 + 0,06

*1<] is the for~~li~tlon constant for Na(;O ~‘ and K’; is the formation cOnstant for Nal-iCOa

at the ionic streng~hs given. F r.ro rs on the rneasul-cc] values are 95% confidence limits based
on the mean scjLKLrcdeviation of values corresponding to each experimental point in ‘lab] es II
and HI. Corrections to I = O were made with estimated activity coefficients”’ S1 and the confi -
dencc 1imits have been inc~-ca scd to reflect the estimated error in these ValLl+2S,

Note that the ion-pairing model does not explain the deviations ( Fig. 1) co s mallcr values—

of –log yl ~ at Iow valLles of X 1. For NaCl -NaHCO ~ e] cctrolytes, the calculated curves arc al-

most straight and ~five aboLlt as good a fit to the data as does 1{srneLi’s rule. AlthoLlgh pH haS

little effect (in the range nca r 11. O) on the Na.Cl -Na, CO? wdculxtions, it has a nlLlch stronger

effect on the NaC1-NaHCK)3 calculations. At pll 8.2 to 8.6, approximately 2 LO 10% of HC03- is

present as CO~-, and since the ion pairs of Nil+ wiCh CO: - arc an order of ma~mi tude stronger

than those with 11C09 - , a relatively small change in pf-1 can ca.Lme a relatively large change in

[ Na’ ] and hence in y,,.

The first test of self-consistency (i. e., tha c the constants be independent of composition

at constant ionic strength) is satisfied quite well for this system. The second test ( i.e., that

the variation of the constants with ionic stren@l he consistent with the charge type of the ions

involved ) may be cxa minccl only very approximately at these high ionic strengths, since no ri -

gOL_OLIStheory exists by which the dependence of these particLdar combinations of activity coef-

ficients on ionic stren~h moy bc dctcrmincd apart from the experiments wc have jLmt perform-

ed.

Examination of varioLls approximations f~ r acrivity coefficients ( c.g.j Y+ ‘or ‘at] ‘alL’es

for the carbmmte and bicarbonate ions cdcuhted by W dker, et. al., 27 and the MacInnm as-

s Lunption yK = ycl employed lJy Gorrcls’9‘ 30 ) led us to estimates for the ion-psi ring constants

at J = O reported in Table VIII. Details are given e] scwhcrc.
:*1

As wc have mcntionec] above, further evidence for ion-pairing between Na+ and CO:” or

HCOs - may be obrained from the variation of the acid-base cqLlilibrium constants with ionic

strength. Some reprcsmmtive valLles ( refs. 42 through 47) are plotted along with data from

Table VII in Fig. 4. The ionic medium and reference is noted next to each point. QLlalitatively,

the association constant of HCOs - or CO~”” with H’ ( K1 A or K1 ) decreases in the presence of
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activity coefficients’ 31 and the ion-pairing constants of Table VH1



FTowL’vw, [Ilc effect of incrcosd ionic strcnxth on~hc ncti.vity cocffici. cnts :11s0 caLLses

Ll~cmmcLm~r:ltion cquilibriLlm cmlstnnts K1 and Klzto shift in the obscx-vcd direction. Separ:l -

tionof thcsv lwo effects may bc ma~le hy one of two alt~rnativcs: (1) either the ion-p:lil-ing ef-

fect is I.nuwn ~mlll other exlwriimcnl-s, or (2) Lhc :Ictivity coefficient &ffecL is known fromothc. r

rxpcrimc:nts. Roth involvr llt)ntll~>l”lll~>~j~n;ll~lic :lss LllllpLions. Most wrn+kcrs 20-30 hav~ calculated

dctivity ~mcff[cimts of the s[)ccic.s involved oml l]i?ve olmincd csti. mates of im ptai ring from

th? ionic str~n@l effect on the proton:lrion equilibria, Wcllnve approilcllcLl ft”olIl Llleotherdi -

rcction :Lnd lmvc obtained an estimiltc of the ion-pairing effec~ from an independcmt set of ex -

pc ri nlLmw.

If thr ionic Illdium (LJ.jq, NtI(3) is presmt inlargc ~xcess, [Na’] isdetcrminedonly

b) t(lctotil~ itonic s~rcmgth anL! is esselltinlly’ fixc’~i. Since [ Ni?C(>, - ] and [ CO~ ‘], or [ N:lI-IC03]

;lml I H(X):, ] a L-c iml iSti n~uisl”lah]. c by’ the LlsLld pl 1 m cthods, and arc mca.sured in mro, we hove

([Fl(:(), - ] + I N:IIICO, ]) (=K, [H+] [(X3:- ] + [NaC03-]
)

(21)

(22)

where 1<10 is the acid -bi~sc cquiliht-ium conswnt at mro ionic srrcngth Qnd the rwtivity coeffi -

cicmts d PC hypo Lllcrical s inglr -ion VHIIICS for which ordy Clcctrically lleLIIl:ll combinations ( r.g.,

‘No
:Iml y .1. ) can b? rlllpirical]y Lictermined,

11(SJ3
K! and K ~ are formotion constants determined

in t Ilc m?di LIm of intel’cst, sLIch as we have given in Tablt VIH.

Sil~~il.arly, we obt:]in:

(23)

The L.lll-vrs LIr;~wn on Fix. 4 wrrc obtained by nle:lns of thm e eCILlatiOrLS Lls ing the :lcceprec14 ‘]’ 44

vial IIcs for th c Zel-o -ionic st rcngth constants, the p rcviously escimmcd activity uoefficicnts, 31

aml thr ior-p:lirinx constants of Table VIII. The vertical bars indicated their es tirnatcd uncer -

tai nty. ‘1‘Ile cent ii bLltion of ion p~~iring to the change in log K is approxim:lrely haIf that of the

acri. vity cx)cffici em term for both K ~ ~and K 1Z over the w1101c ionic st ren@l range, with the ex -

ccption of KI ~ at I = 3, whrrc ion p:~il-ing is th~ principal contribution. The agreement with

cxpc ri ment:ll values is excellent for 1<I z and ccrta.inly within the cxpcctcd Lmccrtainty for K ~.

[t appcn rs that thct-c is little specific effect of chloride since NaCl and N: LC1O4mcdifl

~ivc compa rahle values for both constants. ,Sitmi,l~rly, although K+ has been assumed to give
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weaker ion pairs than Na’ with the carbonat~ species, 30 this must bc mjmpens:ILed for by as-

socifition” bmvwn H’ and N(>3 , ~in~~ I<N03 ~ivcs tl~c sil]ll~ ValU&S Ik)r K ~~ ;1S (]OCS N:1CI04 Or

NaC1. Se~ w~Ler ~ives o considrr;ably smal]c:r vduc for K ~, which L’an be l-CaSOJlO1>1y attributed

to th~ forn~:~tion of [n:~~mesium cm-bonocc ion pail-s, ‘ 1’ 1°’ 2S’ 30 and the I’act [hat there is li.ttlu

diffrrcmc brtwrcn I<lz in sca water and Na(3 inLiiL::ltcs in [urn that llli~~mesi Ll~l-l-bic:~rknt~te ion

pair-s ar~ r:~~lmr weak, Perhi]ps Lhe Illost impot.-t~nnt ~ap in thdpresen[ collcctinnofdatfi is [l

reliable set of cxpcrimcntal VOILICX fot- 1<1 in Na(.2 OVCT:1 wide range of ionic str~ng’dl. Our ex-

periments at J z 1.0 (Tabld VII) did not L~ZrCTwith the sl?cctrc>l~lloto~~letriL: d:]t:~ obtained by

Rruckenst?in and NPlson, 4 ‘i ond alt’hollg}J VLIILICSof K 1 hi~her th:m Lhc Cllrvc’ a I’C sLiggcsteLi by

the low ionic strcm@l dat;a, the NaClo~ resultsl” :Ire 10WET Lllan oLlrs. (hw possible explan:l-

tion rOLl]c1]1c iL’IH specific vffrct of carbnate cm lhe spccics of the thymol blue indicator LIscd

hn this has not been invcsti gatcd fLlI“tllel”.

As :1 final point, we should note that the ion-pa i rin~ constants of o[hcr workcrsz~ ‘ ‘()

qL]oLecl in ‘la blc \/HI were i.n rsscncc obtained from the ionic swcngth effect on tht proton:~rion

equilibri~l, ‘1’k VLIILICof the ion-psi ring constanw obw~ined from such an ondysis is critically

depenc]cnr on the assLlnqNions LISCLI to calc Lll:lte the activity cocfficicnt,s of the ions. As wc

have seen, the ac~i vil’y coefficient contribution to the ionic st renp$l effeCL is a kULlt twice W large

:1s Llle ion-pairing- effect. In particLda r, tllr activity ~.orfl’icient term in 1<1 immlves y
co 3

, aml

this is th c major cent rihLltion to the Lmcertointy in valllcs of l<; c:dcul:tte(l from the ionic strength

c1ep cm] enc C?of K 1. Carrels and co-workers 1” ‘ 30 obtaineLl y(,o~ from i-hp pnpcr by Walker, et

al., ‘:7
.

29
am] Nakay ama cstirnatc~l it from the extended I)eby e -1-iLlckcl equation. These two sets

of valurs may in fact represent the extremes of Lhe l-ongc which can be obt:~ined with different

activity coefficient ass Llnq Xions. Our valtlcs fall well within this ran~e, :md tllLw oLlr model

is Lls consisten[ t~s ci~n be expected with previous estimates of ion-pairing between Nat snd

klcoq - ot” (30;-. Jt has thy odvant++e of requiring a nlinin~Lln~ of ad-hoc as su nlpLions.
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APPENDIx ‘1”0 S M!’llON 11

For cxpcri.mcnts donr either with NaC1-Nal KT)? solLlticms or with NaC!l-NaZ C!(”)Ssohl-

tions, ca]cula~ ions were set up EC}c!eal with one or the o~her of these tw(j-s~llt-cc]lll~~(}~lcnt situa -

titms in the salnc scqucmcc: of calculations which WChad prcwiously usrd for the simpler modrl

(in which Only one possihk eclLlilihriLlm Was Lkl]t With ilJStCLl<] of thrCC’) . ~hC COlllpLltdr }XW-

~ra In used for thcwc calculations is given in “l-aMF [X, This table incorporates a 11 the fcamrrs

of the pro~~a ms /PY7’/ and /PY ’12/ which were given in the Sduond Inttrim l<eport. ~ In addition,

WC Iwlve made Llse of the more uompletu mass halancc equations giv~n below. Pm-t 1 sets exrcu -

tive paralmetm-s ( SAT,, A~Jrl’, JNP) which govrrn the flow of program in other parts. Decisions

arc nmde as to: ( 1) which salt ( carbonate or bicarbonate) is added to Na~l, (2) whether individ -

ULI1points are to hc ca]cu I&lCcc]or whether :1 curvr is to he ra]cLl]atccl in Qlltomatically prescribed

s t~ps, and (3) what sort of input is going tO be providd (cqLlilibriuln constant, lHlrnrd PII1c cocf-

ficicnc, or log y] ~) ,

Part 3 calcul:ILcw the appropriate ion-pairing constant KS ( K 1 j.f SAL = CAR, l<? if SAI, =

BJC!), given a I Iarntd rule coefficient cm a reran acrivity uwfficicnt for NaCl ( in the Iattcr case,

entry is throLlgh par~ 5) . The algol”ithln is thC same as previously LIsed. The program a ssLInles

first thal 1’ = 1, then calculates y 1 as -y~(, a.t ionic strength 1’, and obtains [ Na +] from chc

~e ua tion:

where

[ N:~+] = the hypothcrical concrnrratic)n of free sodium ion

y:o = the mean activity co~fficient of pure Na(;l solution at
ionic strength, I‘

T‘ = definition gi vcn bclo w

m ~, n12, and ms = the mohl concentrations of NaCl, Na,j C!03, and
Nal I(~OS, rcsprctively, in the mLllticonlponcnt
electrolyt~

y12 = the mean activity coefficient of Nacl in this clcctr-olyte,
as mcas Lired by our a.malga m elccrrode cell.
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Table IX. CrJrnpU tcr Pru~ranl /XPYT/ for ion-Pairing Calculation

].] TYPE ‘“I;XT17NDEI) PYTKrI{dICZ. Fof< l’ACL-r:ApcOS-IIAHcOA - i/</~?
SALT: CARE OR IJICARR, AUTO INC}l: YE? OR NO, INPIIT: K, A, L OR NO”’

1.2CAR= 0, RIC:2, yE$Z J, NO= QQ, K= 4, A: .l,l+: 5,~NDzl
1.25 I)EMAND 5AL, AUT, INP

1.?6 AIJT : NO IF INP : L
1.3 To PART INP
1.4 TO STEP 1.2 IF INPc5
1.5 TO PART s?

3.10 TYF’F. ““~flcL-NA2c03, K FROM ALPHA-12’” IF SAL = CAR
3.lfll TYPE NACL-NAHC03, K FROM ALPHA-17,”” IF SAL : F!IC
3.11 DEMIIMD A12, J LK1,DKL,KDP,KPR
3.14 DF.:IANP !11 ,PH I’INI,E5S INP = L
3.15 P!3’lAND I, Xl,Ptt,Ll? IF INP:L
3.152 Yl:Xl~I,l. 12:1.12+DEl. IF I!JP : L
3.155 !O: 1, ~pR : I
3.16 DO PART 1(7
3.17 G1f’ ❑ Gin, [.1P : [..ll?
3.21 !12 : (I -Ml)/3, C03 z !12 IF SAL : CAR
3.211 !W=l -Ml , HCfl = !42 IF SAL : RIC
3.22 L12 = l.lfi - A12*3*T12 IF SAL : CAR AND INP = A
3.221 L12 = Ll!: - A12*M2 IF SAL = RIC AND IrJP ❑ A
3.225 TYPE ““

[ NA+] [NAHC031 [HC03-I [C03=I I“
IF SAL : RIC

3.7.3 G12 ❑ 1naL12, KF = 10A(LKI-PH)
3.24 TYPE J~j F(IRM 31: 012, L12, G12, l.lfl
3.255 TYPE

[ NA+] [NAC03-I [cl-)?):] [HC03-1 J’

3.26
3.3m
3“31
3.3?
3.4!7
3.41
3*4Z
3.44
3*45
3.46
3*5I

IF SAL = CAR
To STEP 12.1 IF V2 : ~
IPP = IPR
i3Cl PART 33 IF SAL : CAR
DO PART 34 IF SAL r PIC
PI : IPR
DO PART lfl
GIP’= GlO, LIP ❑ Lln
TO STEP 3.30 IF AB5(IPR-IPP) >lFl”-5
LK~ = LOGlfl(KS)
TYPE LKS
L1 NE

K* LOG (71” ““

K* LOG Fl” ““

-33-

3.515 To 5TEP 3.14 IF AUT = NO
3.52 Ml = Ml + .2*J
3.53 TYPE Ml
3.54 To STEP 3.15
3.55 TO STFP 1.2 IF M1>I



lkble IX ( Cont.)
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Table IX (Cont. )

5.lF! TYPE “NACL-NA2C03, K FROM GA?IYA 12- IF SAL = CAR
5.101 TYPE “NACL-NAHC03, K FROM GAMMA 12” IF SAL z BIC
5.11 DEMAND LK1,DEL,KDP,KPR
5.12 TO STEP 3.]5

1F4.1 SZ-1.17D82, sQM = SQRT(M)
10.2 LNG = S*SQM/(1+1.5*SQM)+.a36R4*M+.M] 5#1*M”2-. fli7fl8695*M*3
113,3 G10 : EXP(LNG)
10.4 Llfl z LNG/2,3f125R
lfl.45 DONE IF INDEX = 1
10.5 TYPE IN FORM 10: M , GIO, LID

11.1 DIS z A13s(4*cc*AA/BB’2)
11.~ti X = 0.5*(-BB+SORT(BB”2-4*AA*CC ))/AA
11.22 TO STEP 11.99 IF ‘DIS ~.fll
11.50 Xo= -CC, CNT = O
11.6fl Xl=(-CC-AA*Xm”2)/BD
11.61 TO STEP 11.7i3 IF ABS(X1-X~) < lm*-5*XPJ
11.62 XPi : Xl, CNT ❑ cNT+l
11.63 TO STEP 11.60 IF CNT<lI?fl
11.70X ❑ xl
11.71 DONE IF CNT<IO
11.7.2 TYPE IN FORM 11: X,CNT
11.99 DONE

33.1 NA = (Ml+2*M2)*(G12/GlP)*2, HCO = KFxC03
33.2 NAC = (Ml + 2*M2) - NA*(I + KDP*HCO)
33.3 C03 = NA - Ml - M2 - }[CO
33.4 IPR = Ml + M2 + 2*C03 + HCO*(l+KDP*NA)/2
33.5 KS = NAC/(NA*C03)
33.6 TYPE IN F(IRM 33: NA, NAC, C03.HcO, IPR, KS, LIP

34.1 NA z(Ml+M2)*(G12/GlP)*2, C03 c }iCC)/KF
34.2 NAH= M1+M2 - NA*(1+KPR*c03)
34*3 Hcfk NA-M1-C03
34.4 IPR = Ml+2*C03+(M2+l{C0-NAH)/2
34.5 KS : NAH/(NA*HCO)
34.6 TYPE IN FORM 33: NA, NAH, HCO, C03, IPR, Ks, Llp
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Table IX ( Cont. )

SJ9. O TYPE “DONE”

FORM 1(7:
Ml= %%.%%%7 , G1O z 7Z. ZZZ%, L13 = %Z. zzzz
FOR?l 11:

LONG ITERATION-- X= ZZ%Z.ZZZZZZ, Z:%% CYCLES
FORM 31:
m = %~.~~~~z, L12z Z%.ZZZZZ, G12= %%.%%%7%7 , Lln : %Z.ZZ%Z%
FORM 33:
ZZ.zzzzz ZZ.%zzzz %%.%%%%% %%.7%%%% Z%.%zz%z Z%z%z.z%z%z Z%.z%zz

FORM 44:
CALCLILATKD1“ = %2.%%2%%

FORM 45:
Zz.zzzz% 7?%.%%%%%%%.7!%%%%ZZ.%zzz z%.%%%%%%Z.%zzzz Zz.zzz% ZZ.zz%z%

DO PART 1
EXTENDFD PYTKOWICZ FOR NACL-NA2C(33-NAHC03 - 3/19/713

SALT: CAR13 OR RICARR, AUTO INCR: YFS OR NC), INPUT: K, A, L, OR NO
SAL ❑ RIC AHT = NO INP = L

NACL-NAHC03, K FROM GAM?IA12
LK1 : 9.3 DF.L r .Dff22 KDP : lFl*-.5

I z .5n73
KPR = lFi”+.5

xl ❑ .7486 PH z %.83 L]? = -.177@

.DO PART 1
ExTENi7~I? PYTKOWICZ FOR NACL-NA2C03-NAHCCJ3 - 3/19/7P

SALT: CAPR OR PICAPR, AIITO INCR: YES OR N(), INPIIT: K, A, L, f)R NO
SAL z CAR ,AI!T : YE@ INP ❑ K

NACL-NA?.C03. ALPHA-l?, FRf)Y K

I ❑ 1.(7 LK1 = ‘J.75 P:l. : .?3]5 KnP ❑ J9--.K7
KPR : 1P-.37



The rest of the mcxlc 1 follows a straightforward cquili briurn trcatlment. The ionic

strcmgth is dcfincLi in terms of the free concentrations at eqLlilihriunl!

J’=; {[No+] t[C!l-] FIHc!O; ] t4[Ul;-]+[Na(.:O;] }

which ar? in m rn del’incd by Ehc mass ba 1;1nccs and ~qLlilih riLlm rcla tionships:

nll =[(;1-]

m 1 + 2 1112 -I In, = [Na+] + [Nal K:O,] + [NaC’O; ]

m, + m,, = [ FIC!O;] + [ C’O!j-] + [ NaH(:03] + [Na CO;]

[ HC();”I = K , I 11+] [ C():-l

[NaIICO,] = 1<1’[Na’] [ FICO;l

[NocO;] = K; [Na+l [C!O:-]

( 25)

(26)

( 27)

( 28)

( 29)

( 30)

( 31)

It is from these LIwt tbe mhcr uonccnttwtions arc obtained, using parts 33( carbonate) or 34

( bicarbonate). Notr tha[ provision IMs been mdr for aclding an incrtment IIEI. to log y 1~, and

Lhat preliminary va lLIes of K ~ (KPR ) and K Y( KDP) are ncuki, along with rfw promna tion equi -

lib~ium constant K, [ 1.,1<1= log ( K ~) ] .

This mode of calculation rcq Llires, therefore, that several iterations be Imade Lwing re-

vised estimatm of K! and K;’. Sincz sLIch a revision involves assessment of the wlmlc body of

data :Ind some jLlclgnlent abQLIt the kst values of the constants, rhe iteration of these clLmntities

lms hcen lefr m the operator of [he p rc)gr;~m. However, a more mechanical itcration to find the

best VELILICof I’ is inclLded in the program, :lncl each ~approximaticm is printed out. This time-

consuming printing can be sLlppressecl by a conditional statement at 33.55 and 34.55, e.g.,

“L)ONJ3 IF A13S(TPR-WP) >10-5, “ or, simply, “DONE” if only the eqLlilibriLml ccmsL’ont is de-

sired.

Parr 4 does the inverse c:dculationj generating i) cLmvc of log yls or ml ~ versus com -

posit-ion once the ion-pairing constants arc known. Jn this part, the mass balances ~~nd cqLlili -

bira have b~cn combined to yiclcl a quadratic of rhc form.

~X2 +bx+c=O ( 32)

where, for x = [ Uli- ], rhc coeffici.cnts are

a=(l-FK1 [H+

b=lYK, [11+]

c = –(lmz +1113)
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and for x = [ 11(;03– ~ the coefficients a r~

H+]) (K!+ K; ’K, ~ll”’”])/( 1<, (11+])’ ( 34)a=(l+K,

1]= {1-!-1<, [H”’] +(m, +ms) (K:+ K!’KI [n+]) /(K,, [H’])

Provi simt is o 1s0 mad? for calcLl laring log yl ~ according to the approximate eqLmti on

( which assumes T‘ = T) published by Pytkowicz ~lnd KCSLCr.25 Althrnlgh this gives a curv? of

approxima[cly Lhr SMIIC shape, th c v:] lUcs ot’ Y1z obtained a rr not in a~reenlmlt with the more

rigorou ,s ca Icu la tion, and, to fit the data, the ion-pairing cons ranus mu St bc changccl,

Note that parr 10 is a suhroutim to ca ]cLI]ak tk nlea.n activity coeffici~nt of NaCl , and

does nut give clLlite tlw samr valLIcs as the Rohinsun and Stokes tables. ]‘} Some acljLlstment is

reqLlired Lo match rho cal.cLl latcd CLIrvcs with the cxperi mmlt:l.1 da KI, since th~ rkftr~mce VaILIL

of I’1n in the expcri ments was taken from die Robinson ~md Stokes tables, This acljusm~cnt is

ma LICwith the p:arametcr I) ET,, although a. more sntisfac!ory nlctlloc] WOUIC1have been to rccmr -

pute the paralllctrrs of Lhe equauion in s~cp 10.2 to fit the Rohjnsnn and Srokcs dam. ‘1’hc ~quation

in step 10.2 is taken from the report by R. M. Rush (ORNI,-4402) .7 Part 12 takes care of thr

case ITIZ= 0, when most of the conlpljcatcd Calculations can hc dispcnsc:d with, An example of

the output f l“onl the program is givL’n at thr c’nd of Tab] L’TX.

TTw rcsu]w of the calculations are sLmmlarized in Tablts X and Xl. Tn the first approxim-

ation, wc assumed va lu CS for the ion ‘pa irin~ constants which wc ralcuktted previoLlsly without

taking account of LIICpro~onation equilibria: log KY = –0.5 +ulcl 1021<: = I 0.5. Thjs yiekkd sec-

ond approxinmtims which were considers bly different. 171(: avcra gc valu cs a.n~l 95% confidence

limits arc! given in Table XT1, Qnd tll C individual data points ;Ire ~iven in Tables X and XT. A

third approximation gave no change in K 1, hut made a substantial change in 1<?, particLl larly at

1 = ~.O. A fourth approxima tim did not chan~c any of the constants.

Curves ca lculalx:c] using he extent] d model are nor qLIaIita.ti vtly differ~wt from thosr

obta in~d with the single- equilibrium lnodcls givm in the Second Intm-irn Report. As we pointrd

out previously, the deviation of calculated values frotn experirnenld seems to be sonlewhat less

for 1kirrd’s rLIlr, but the dif(rrcnces arc noc grcar. l~i~. 5 shows a comparison for NaCl-

NaHCOS rlccmolytes at T = l.Om. Here, it is important to notice how strongly the p[ Taffects

the calculated cllrvc, ‘his is a result of replacing weak Na’”- HCO~ ion pairs with the relatively
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Flectrolyt:sat 25 ‘~’

J x, pl 1 @ y~~

log K ~ ~

log KI” =

log 1<1’ -

A=

().5073 (). 74R6 8.8:1 -0.1791

-0.1770

[). !5133 (). ,5055 8.18 -O. 17ti2

-0, 17~,5

().5215 (). 1793 8.21 -0. 2(IY2

-().2117

0.5240 ().()761 8.22 -0.1974

-0.1932

log Kl,, =

logl<l =

log l<,’ =

A

1.04100” 0.4122 8.6 -0.2102

-0.2109

1.0115 0. 11?5 8.1 -0.2225

-0.2234

1.0049 (). 0444 8.2 -0.2255

-[). 2272

q ~

-0.5

+(). ,5

()

-0.322

-().5:32

-[). 64<5

-0,,574

-04141

-(). 101

-0.454

-0.(559

9.75

-0.5

10.5

0

-’1.009

-0.963

-(). 7,52

-(). 729

-0.632

-0. M)2

logK,”

(),8 9.8

-().5 -0.,547

+[).5 Ii).140

0.()()22 o. m22

-0.543 -(). :)03

-0.90:3 -O. 47-I

-0.7!)1 -0.680

-0. 7(M) -() 6(M

-o. 17s -(). 1+6

-o. 1:~7 -(). 107

-() ,500 -(). 440

-() 6?3 -().537

9.75 c).75

-().5 -(). H(12

+(), 5 (), ~(,~

0.0020 (). ()()2[)

-1.167 -0.786

-1.108 -(). 7,59

-(). 808 -().66:j

-0.782 -0.64,5

-(). (37 I -(). 598

-0.63H -0. !570

Lj S

-[j.412

10.141

(). 0022

-(), 3{):}

-(). 47s

-0.680

-0.608

-(). l;()

-(). 107

-(). 140

-(). ,5:18

9.7,5

-().670

+0.271

0.0020

-0.789

-0.761

-().664

-0.046

-0.599

-().,571

* Notes: Thcsc <data arc the sanw as rcp(jrtcd for the Agi J- FJa(IIg) CC1l in the
Scctjntd intcritm rcpi):rt, ~Jagc 24. Nott that thr tt~i:rdpHcntry is 8.18, not 9.18,
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ln headings of k)g Kl” arc given the assumed valuds 0[ p:lranltlc,. rs ncedd

m calculate the constant. A is an increnlent to log~lz to accoLInt for the

12
discl-epancy hctwbm Lhc Robinson & Stokes tables origimlly used to cal -

rulntd log YIO for the reference solLltion and th~ co.r.responding 10X Ylo
7

VHILIe i~btaincd from the Rush equation used in the computer program.



Table XI. l.on-Ptlirillg Constants From /\c~ivity Coefficicmrs in Na(fll-Na,x(lfi
F:lcm-olyres at 25 “C*

I ‘1

(). ,s575 [). q)9h

0.,5062 0. 4H6H

o, 469’) (). 1880

0.4583 (). (X)44

1.0092 0.5069

0.9923 0.1357

0.9883 0. 04s3

10.24

10.89

11.07

10.99

10. I

1(1.8

1.0.9

logK , ““- 9,8
,,

lo~l<, = -0.5

lo~ K ~‘ - +0.5

A o

-0+ 1707 4-0, 48.5

-0.1718 +(). 902

-(). 1817 1-().417

-(). 1789 1().272

-(). 179-1 +(). 074

-(). 17(11 -0.053

-(). 189:3 +(). 329

-0. 1H65 +0.25,5

-0.2085

-().2()76

-o. 22t55

-0,2240

-().23()1

-0.2273

log K,

<),8

-0.5

10.5

(). ()()20

-0.:)66?

+0. 1(17

+o.:i14

10.104

0.000

-0.142

+0. 277

+C1.201

()+7,5

-0.5

-10..5

0. ()()1<)

+().572?

+().526?

+().31(1

+(). 2(30

+(). 274

+(). 220

.
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9.8

-(). 547

+0. 140

‘).0020”

-0,354?

+(). 172

10.315

+(). 164

+(). ()()()

-0.141

+(). 278

-10.202

9.75

-0,862

+0. 268

0. ()()lo

+0.582?

+().538?

+-0. 319

tO .265

1-0.277

* These data arc tlw same as rcymr~cd (or tlw Ag(; l-Na (Hg) c.c1l in thr second
intcrilll r~port, page: 27. Scc notes to Table X. Points marked “? “ w~re not
included in mmpuling avdrages or umfid~nce limits for Table XII.

+0. 224



T:lblc X1 ( ~O1ll. )

3.0247 0.7459

2,9973 0.4831

2.9762 0.2621

2.9523 0.0532

2.8762 0.0458

logK ~ =

log Kl” =

log 1<, ‘ -

A

10.98 -(). 184.5

-0.1786

11. 1,5 -02112

-0.2104

11.00 -0.2475

9.63 9.6:3

-0.5 -0.5

to. 5 +0.5

o (). ()[)14

+0. 350 +0. 297

+0. 320 +() , 270

+0, 508 +(), 47[)

-0.2466 H). 483 +(). 446

11.35 -0.2715 -1(].338 +[).318

-0.2692 +0. 305 +0. 286

11.2 -0.2797 to. 460 +-0.436

-0.2784 +[), 438 +0.416

.41.

9.63

-O, 8(52

+0. 373

(). ()() I4

+0,414

10.298

+().27(.)

to, 47(j

+0. 447

+0. 319

+0. 28(5

+0. 437

tO. 41.6
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Fig. 5. pit of ion-pairing model to amalgam electrode data for NaC1-NaHCO~
at 1 = 1.0 ( parameters; mlz = 0.045, log K: = +0.27, log KY = -0.67,
log KI = 9,75, pH as indicntcd)
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strong Na’”- CO~” ion pairs as the pH increases. The stronger ion

the equilibrium solLltion ancl thus increase the slope of tic curve.

pairs remove lmorc Na+ from

A genera] commem might he m~c]e at rhis point. Formally, any two-salt elertrolytc

miXLltre which displays a positive Harncd rule coeffici~nt for otw salt can he describd by a

model in which the second salt is ion paired. As long as the ion pairing is relatively weak, and

the effective ionic st rcmgth of the solution is not too much dirnini shed by the ion-pairing process,

thd curve calculated from the ion-pairing model will be quite close to the straight line predicted

by Harried’s T-Ulc,

Two i n7portant points should he borne in mind, however. First, che assumption that all

deviations from constant activity nt constant ionic srrengtb are dLIe to a simple cqtilibrium of

ion pairing is certainly not correct, since this does not distinguish between size effects and

other nonlinear, electrostatic effects, and a more definite type of ion pairing which obeys the

law of mass acrion. This is Imost obvious in tile failure of ion pairing alone to give a consistent

model of deviations from the Debye - 1+’’lckel equations in W case of a single salt component.

Second, negative values for Harncd rule coefficients ( which onc finds in many systems)

indicate chaL’ion pairing of the salt whose activity is being m es surcd is stronger than that of the

other salt ( e.g., a negative u 1z means stronger ion pairing between Na+ and Cl” than between

Ii+ ancl Cl-), ancl thus it is clear that this model can only give thc extent of ion pairing of one

salt comparec] with another. Wc have made the tacit assumption that Na Cl is nona ssocia tcd, but

conductance shlc] irs at high concentrations have suggested char there may be a rather substantial

degree of association~ G between Nn+ and Cl-. We thcrcforc know this is only an approximation.

“Hle ion pairing of Na’ w~.th carbonate or bicarbonate O.Sexpressed by the cqLli~ibrium constants

we have calculated is thus slJown only to bc stronger than the ion pairing of Na+ with Cl-.

Now, lm us turn to the comparison of our ion-pairing constants with those ohta incd by

other methods. ‘l”he ~wo other important attempts to assess the ion pairing between sodiL1m and

carbonate spccics have been the work of (hrrcls, ct al., 30 which has been discussed in the

Second Tnteri m Report, and the recent work of Naka yama.z 0 Garrcls’ basic assLlmption was

rhat Walker- llray-Johnson values2 7 for the activity coefficients of KHCCJ3 could be used to cal-

culate the ion pairing in NaHC!O:I by assuming that KHC03 was not ion paired at all. The con-

nection w~tb Na2 CO:, was made by means of the MacInnes assLlmption, ‘yK = Y ~1~ and tile Pro-

tonation ecluilibria of the carbonate ion. One may thus trent Garr~ls’ valLle as being ( in a rather

complicated way ) corrected to zero ionic strength.

Naka ya ma 29 worked d hrcctly from data on the protonation equilibria at low ionic strengths

of NaCl, calculating activity coefficients from an extended Ilebyc - H;ckel relation, and a ~wib-

uting the rcma indcr of che salt effecr to ion pairing of carbonace species with Na+, His constants,

also, are thus correcred to zero ionic strength. Both the Garrels and Nakayama values are

listed in Table Xl].

Since our mea surements were made at constant forma] ionic strength, we have chosen

to use NaCl at that ionic strength as our reference state, and the relation between our
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Tahlr XII. Summary of ion-Pairing Constants with 95% Confidence Limits

log KI “

1= 0.5

Previous estim9te* -0.50+. 145

First guc:ss -0.5

2nd approx. -0.551.24.

3rd approx. -0,41+4 19

4th approx -0.41+.19.

Garrels30 ([-’0)

Nakayama2’ ( 1-’0)

This work (140) -O. 08-t .23.

1.()

-o. F@. 05

-0.5

-[).86 t.26

-{0.67+, 10

-0.67+” 10

-0.26

+0.16+.06.

-0.301.13
\

“Ekst values” -.24+.24

0.5 1,0

+0. 15t-. o7 to. LK)I .06— —

+().5 +(). 5

+().14+. 16 -IO. 27+. 07—

I-O.14+. 16 +0. 27+ .07. —

+().14t.16 tO. 27:. (.)7

+1,27

+0. 55

40.77+.18 to.96+. ]3

3.0

+().471, 13

+05

+(). 374-.06—

FO.37+.0(5—

+o.37t.06.

+0.97-1 .23

10.91F.32—
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*NOt including effcctof HC(j3–on NgC03-ionpaj~ingor eff~c~of

C03=on NaI-lC03it]n l>airing. Other calculal’ions made inclLdinga .11 three

equilibria as describec] in the uext. our estimate at I -~ O made from fourth

approximation values, using data i.n Table XIII.



rcfcrcncc state, and th c relation bctweml OLIr “cone mltra.tion” eqLlilibriLll”ll constants and rhe zero-

ionic-strrngth uonsrarws of rll~ orhcr workers mLlsL br made by means 0( wmc ad hoc assLlnlptions

regnrding the ac riviry Cocfficimts of individual ionic sprci?s (or, more rigorously, the mean activ-

ity Cocfficirnts of unmcasurahlc combinations of ions). This sot-t of assumption can hc quite un-

certain at th~ high ionic srrcngths wr have hccn smdyingj and wc wjll attempt to nmkr our assunlp-

rions as explicit as possible.

In ordrr Lo d ~mons trfi re tile wiclc ran~c of possib]c cstinl:ltcs for single-ion activiry coef -

ficients, we have collected in Table X111 sornc cstinwtcs fo:r the wtivity coefficients of the ions

with which wc arc concrrncd in this project. For Na+ and 1~, the mean ac riviry cocffic icnt of

the chloric]c is ~hc only simple altcrtm[ivc m the MacJnncs assunlption. l~or the bicarbonate

and La rbcma tc ion.s , wr do not mwn ha vu lmmn activities of an alkali I1lCM1 salt, but only tlw

individLml ionic activities c;l]cukltcd by Walker, Dray and .~c)hnson.z 7 It is interesting to note

that their ~stimate of Y for I I(X); is alrnosr idmtical ro the Obs&rveCl m can activity cocffici cnt

of Na Cl. Thcj r estimate for the ca .rhona tc ion is not too different from y *5 for (.lLClz , an elec-

trolyte believed to be Pssentia lly nonas sucia red ( ar lcas r to thp extcmr L’harN:<Cl is nona ssoci-

;1tCd) , bLlt llOt ill SLIL’h gOOLl ;1grL’L’lll Cllt Wi th t]l L’ Ma c llllles eStilll,lte
67 of y (Or Ca2 +, Wr have

also inclLld ed estilna tes Inadu Llsing thd 1)rby?- i 11’~ckelecluation wirh the Kiclland n ion- size pa ram-

ctcrs, :is well :1s the I)avics eqLMtion. ‘l-here is rnodcrate a~rcmncnt at I = 0,5 with the I“)avies

cqLlation, hut thc!se equations arc Llsch::ss prcdirtors or ~ at ]li;hct” ionic’ strcngt]ls, as has often

hccn shown.

l~or OLI1”C; IICLI]L1tions , we havd chosen as b?st estima tds thk valLIcs listed in ‘~abl? ,~]11,

Qnc] have aSSLIIIId confidence limits for error ondy sis as nored bdo w :

Na+ — Mean of Na(;l and Ivlaclnncs. Range ~aken as
confidence li.nli[s.

H’ — Mean of 11(.;1and Mac 1nncs. Range ra.ken as
crmfidcncc limits.

I IC(:); — Walker wh c. Conficlcnc c 1inlits sa~nc LLSNLI’.

~:():1-
— Scluart of y+ l’or (-1+(1: . [Jpper range, Mac lnncs

(;aR +; lower range, Walker CC);- valLle,

Na (.W= — Same as l{CO; . Clmfidenc~ limits taken to be
twice Ehosc for INa+.

No HC!C),,— y = 1.00, since ir is LIrIchmgcd. Ckon[idcncc 1inlits
Wice those for Na’.

LJs@ these v:llLIcs, the constants in Ta !Jle WI were corrected to [ = O by mems of rhe c’clufirions

logKY(l- 0) = log K!’ + log (Y N1HC03) – log (yNl 7F1co:j)
i <

( 35)

( 36)

The variances of tht activity cocfficl cnts were assumccl to he proportioml ] to the sqLlares of the

confidence limits in Tablp XIII, and were assLInEd to be additive, The “best csrimarcs” in

Table XJI were ohtaincd as a weighted avrragc of th c vnlLIes ohtainccl tit different ionic strengths,

wiril the weighting factors taken to bc thr reciprocal of the variances.
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1.011

11+

Nat

Hc!o:3-

(:():32-

NaC!O ‘3

Na[KXJ1
or”

-m

0.1

-().()()91

-0.0846

-().083

-0.092 I ,007

-(). 108H

-0.1040

-0. “114

-0.121

-0. 106+-.003.

-0.1.02

-0. 1[)21 .003

-().41[)

-().4120
-o.390~

-(). 424

-0.484

-0.401.02—

-o. lW.01—

0.()()+.()1
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0.5

-o. 120~)

-0.0542

-(). 117

-0,087+.033

-0.1668

-0.1460

-0.188

-0.160

-O. 156+.010.—

-(). 166

-0. 166+-.010.

-0,640

-0.6:102

-().!5701

-O. b67

-0.639

-0.6 1:’)+.043

-0.16-1.02

().()0+.02

1.0 3. (o

-[) . ()()2[j 10. 119:;

+0.0351 10.4836

-(), 12!) -0.144

-0.064+.029 +().3[)+. 18,-.

-().1825 -(). 1465

-0.1.459 -(). 0480”

-0.220 -0.269

-(). 153 -0.018

-0. lfJ4+0.018 -0.097+0.049

-0.184 -0.210

-().184+.018 -O.21OI.049

-[).7:\8 -0.848

-0.6898 -0.6020

-0.,5965 -0.4130

-().87!5 -0.917

-().61() -0.071

-0.(17,5+.078 -0.621-.22.

-(). 16+.04 -o. IOf. 10

0.00+.()! 0.00+. 10.

112(:(33



An attemp~ was lmadr to calcLIlatc the ionic strength dependence d th c protons tion

~qLljlibrium constants K I and K lZ:

[ W!’%] =K, [ H+] [ co:-] ( 37)

[ II,,(:o,] = 1<,, [ 1P] [ IICO; ] ( 38)

using the uctivity coefficient estimates in ‘l”ahlc XIII togethe:r with the ion-pairing constants of

Table XII. As described in the interim report, a conccntrwtion equilibriuln constnnt mca su red

by a method ( e.g., potmmiomerric or sp~ctrophotomctric pH titration) which does nor clistin~~li sh

bctwccn HCO; and Nal 1(;0s or bctwcrn CC)~- and NaC!OZ can bc related to the’ “thcrmodynatr ic”

eqLlilibriL1m constant ( i.e., for I = O) by the equations:

1(’”<’‘10’’<[’+’0’(:::3)‘logKtHH’J
bgK’2=10g’<’2+10g(J::::’) ‘lOg(’+K’[Na+l)

( 39)

( 40)

“be+t L’alLles” frolm Tal)jes XII and X111, wc obtained the rcsulrs given in Tabl<c XIV.Using our .

Includcc] in ‘l”ablc XV also are some estin~atcs for K ~ at low ionic strengths lmade frmr the pll

of standard .sodiLlm carbonate- bicarbormtc bLlffers Ls by tncans of the eqLmtion:

log [<, =pH+Iog Y,, i-log (l- I<, K,2 [11+]2) –klg(l+2K,2[rI’]) ( 41)

( A second approximation does not chang’c K,.) Here, we Mvc &LssLImcd ‘that the activity coef-

ficient of 1-1+in the expression plI = – log [ H+] YJ1 is given by the mean activity cocffici~nt of 11(11

at the same ionic strength, ‘l”his is crmsistent with the fact that the original mcasurelnents were

made with the hyclrogen - silver chloride cell and extrapolated to zero chloride concentration.

To be rigoroLls, thr lmcan activity coefficient of HC1 in the carbonate mciiium should bc L]scd,

bLlt this is not known. Alternatively, the MacInncs assumption coLiM hc LIsed ( Table XIII). This

WOLIICIgive (at I = 0.1) a vahe of log ?’H which is’O. o15 unit more positive, ancl hence a valLl~ Of

K I which is 0.015 unit more positive. This alternative assumption gives some inc]ication of thd

possible systclmar’ic error in such a calcLI ~ation. To be most rigorotls, one shoL]lcl go hack to the

orixinal experimental data and rccalcLllate them using the m inimLllm of nont}~crlm(]Liy~lalrlic assLl Jllp-

t’ions. We intend to do such calculations, encompassing all availablr Iitcra hwe data on chc

carbonate protona tion cqu ilibria, at some time in the future. We 01s0 intencl to carry out fL7rther

experiments to obtain K ~ in the range from I = O.1 to 1.0, since this seems m be a critical

region of interest.

In spite of the fact that we have not completely ana]yzed all rhc availab]c ]itcrahlre data,

we have summarized some of it in Table XVI, and have compared it with the cnlcLda ted curves in

big. 6. The various components of the calcu Iatcd constants, together with their confidence limits,



I

o

0.1

0.5

0.5$

1.0

loot

3,0

3.0$

Table XIV. Cdculatccl Ionic Strength llependcnce of
Ion-Pairing and Protonation Equilibria in
Na Cl MeLiiunl

0.91 + 0.32

0.50 + 0.32

0.30 + 0.32

0.14+ 0.16

0.23 * 0.33

0.27 A 0.07

0.30 + 0.40

0.37 + 0.06

log K;*

–0.24 + 0.24

-0.45 + 0.24

–0.56 + 0.24

–0.41+ 0.19

–0.59 + 0.24

–0.67 k 0.10

–0.55 * 0,27

(-0.67+ 0.10)

10.332 + 0.006~

9.84 ~ 0.09

9.55 + 0.21

9.65 + 0.11

9.45 + 0.26

9.40 * 0.11

9.65 * 0.54

9.53 + 0.30

log T(12

6.356 + 0.004-/’

6.15 + 0.02

6.05 + 0.05

6,03 + 0.05

6.01 + 0.07

6.02 + 0.06

6.18 + 0,24

6.23 + 0.22

*~*Be~t valuc~ ~! from T~bl~S XII anLl XIII except where noteL~.

7 Reference ( 29).

$Using actual values for Ki and K~ (Table XII) at ionic strength indicated. At I = 3,
K; assu~ncd to be the same as at 1 = 1.

‘l’able XV. Estimates of K 1 at Low Ionic St rcngth From pI I of Equi molar
NaHC03-Na2C03 FJuffers

0.04 10.112 –0.074 10.038

0.10 10.018 –0.099 9.918

0.20 9.933 –0,115 9.817

*Ref. ( 13), p. 712.

~ y+ for I{Cl, l{cf, (13), p. 716.
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1

0

0.1

0.2

0.5

0.7

1.0

1.0

1.0

3.5

0.26

1.0

2.0

0.72

0.7

Mcclium

Extra}>.

NaCl

Na(:l

NaC104

NaC104

1<N03

I
Sea wa w-

Sca water

Table XVI. llata and References for Fig. 6

lo,q 1<1 log 1{12 Refcrcnccs

10.332 + 0.006 5.356 + 0.004 See TJde XIV, footnote

9.37

6.116 Ref. (68)

6.056 Ref. ( 13), p. 760

5.982

5.915

5.944

9.57 6.04

9.56 6.33

6.06

5.99

5,97

9.23 6.13

6.10

Ref. ( 46)

Ref. ( 40)

I{Cf. ( 42)

Ref. (2), p. 53

Ref. ( 47)
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Chmpari son of calculated and experimen’cal ionic strength dependence
of promnation cqu ilibria ( lmcdium is lQaCl, except where noted;
dashed lines represent extremes of confidence limits; unbroken
llnes are based on zero ionic swengtb “best values” of K 1 and K 1’of
‘~able XII nnd activity coefficients in Table X111; data points ■

recorded using actual 1<: ancl K Y values at indicated I)
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arc given in ‘I”ablc XVII. Th& dml-lcll lines ml Fi;. 6 rcprcsrnt the extreme possibili[ics of rrror

in the calculated ValUCS. Ne:mly all. the observed and calculated values nr? in agreement wi~hin

‘cIwsc limits, ~nd perliaps this is all one can expect. ‘rh~ 10rgcst Liiscrcpancies are to bc found

in 1<,J ~t” 1 = 1.(), wh~l”~ our pc)trntiomc’t]”ic vaklcs and the spd~trOFtlOtO]lletri~ vahcs of

Brucktmstcin and Ncltion (hnth in l.Onl N&Cl. mdium) disagrcr hy 0,3 logarithmic unit. The

reasons for this discrepancy shoLIld bL>invcstigatrd further, ‘l”hc cliff e~-mwc may be duc s imp].y

to the Clfcrt of NaCl on the activiry coefficients of chc indicator spccfes — a salting-out effect —

or may rcfl rc t a n expp~-imcntal c rror in one or hot]] of the s Lmdics.

It is of intcr~sr to cxa mine the sou rccs of Yrror in the ca lL-LIlatcd protona tion constants

( ‘J”sb]c XVII) in more c]ctail. With respcrt to the activity cocfficienm, th c largest cLontri bution

comes from the estima [ml valLlc for rarbonarr ion, and the next la rgest from hydrogen ion. ‘llle

error clLlc to thr othpr monc)valcnt or unuhargrd ions is clLliLFsma 11. The wror in estimating

the acrivity cocfficimL of Fl+ hQs somdtimes bccm avoided by using “lmixed” constants ( with FI”’

activity instea Llof crmccnt m tion in ti~c c(lLli1ibriLlm exprcss~on) , bLlt sucl~ constants cannot [W

Llctermincd with th~rmody namic rigor ( as can “cone mtration” constants) , and thus provide

their own smrcc of confusion, With resprct Lo the ion-pairing co~rrihution, our Interpolation

proccdurc, which as sullles [hat the ~l~~rlllOCiylltllllic ion- pairing crmsta nt is inclcpcmfent of ionic

strrngth, (1OCSnot rhanse d]c’ calculated valLIcs of K 1 or K ~Z by very mLIch (+ on Fi~. 6) , bL]r

dues illtrOdLl~C quite a hjt of Llnuerwinty into thkse Vahlcs. [.Jsin~ the experimental K j and I<Y

values instead of int’cl.-polatcll ontis redurcs this Llncerlxinty hy a factor of 3 or 4.

‘llcsc obsrrvatioris only cmphnsizr th~ dcsirahility of working in a constant ionic

mCL[iU177 Llnd ref~rring dlr thcrmod ynamic va lLIes obta inc!d Co a SWndaro s w cc: in that smnte

mcLliLlm. MOSL O( the error in Fig. 6 and Ta blr xVII mnnes in trying to relate a high ionic

strength m cam rement to one cxt mpo] ated to infinite dilution,

In tlljs connection, WC:SI1OLI]L1 discuss rhc work of Nakayama ‘g in which he recalculated

prcvioLls mea sLmemcnts of carbonate prolrnmtion ~qLlilibria in Na’ -conra ining medi~, including

runtribL~ tions from the formation of rtw ion pairs NaHCO:~ancl NaCO~. It is qu~tc apparent

from OLIr own calcu Iations cm this sy titcm that the ion-pa i rin~ conrrihLlticm to Lhc variation of

1<1 and 1<,, is not a major effect. Looking at Table XV1l, one can rasily see that the tcrlms Bl

and 112, which contain the ion-pairing effect, are actually the same order of magnihlde as the

actj vi ty uoefficicm[ rrrms a t all ionic strengths, Purrhcrlmorej the cLlmLllativc Llncertainty CIUc

to t}le acrivity cofifficienc mrms is not mLIch smaller than the ion-pairing effect. The rcsu lt of

rhis nnalysis is Lhat rhr salt rffcc Lon protunation equilibria does no[ lcacl to accurarc estimates

01’thr ion-pairing constants, primarily because [hc activity coefficient variation has such a large

rim] uncertain contribution rn thd cffec t.

Nakayarna obrainccl activity cocfficjcnts from the cxtendccl Ilcbye- 1Iffckel equarion,

with Kidland’s ion- shc pa rametersj B a ml restricted his calculations to cktta obrained at ionic

str~ngths below 0,05n1. In this way, hc hopd to minimize the rtindom error from the activity

coefficient ccm Lrihuticnl. I Iowcvcr, his estimates of the error in his ion-pairing ccmstanw do
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Table XVII. Components of Calculated Protormtion Equilibria Constants and
Thei; Confidence Limits

(logarithm of quantity indicared)

‘H

-.092

+ .007.

-.087

+ .033

-.064

+ .029

+.30

+.18—

‘C03 %C03 ‘1 %
interpolated

-.10 9.84

I

o. J

0.5

1.0

3.0

I

0.1

0.5

1.0

3.0

‘1
10,332

+ .006—

10.332

~ .006

10,332

+ .006

10.332

~. 006

K ~20

6.356

+ .004—

6.356
j. 004

6.356

t ,004—

6.356

-.400

+.020.

-.102

+.003. +.09 +.09—

-.25 9.55

+ .20 +.21.

-.33 9.45

+.25 +.26—.

-.57 9.65

+.46 +.54

-.613
+,043—

-.166
+.010—

-, 15 9.65
+.10 _+.11—

-.37 9.40

+.07 +.11— —

-.69 9.53

+.09 +.30. —

-.675
+,078—

-.62

+.22

-.21

+.05.

(logarithm of quantity indicaced)

‘H2C03 B2 K 12 ‘2 ’12
interpolated actual

o

+.01—

+.015

+ .009—

6.147
h. 016—

6.05 +. 077 6.o3

+.05 _,+ 030 +,05—

6.01. +.084 6.02

0

+.02—

+.057

+ .030—

o

+.04

+-.].0

+.05— +.07 ~.020 _.+ 06.

0 +.27 (5, 18 +.22 6,23

+ .004.

,,

+.10 +. 12 +.24 _,+ 04 ~.22.

132 = l+ K1’’[Na+]

1 + Kl [ Nat]
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not seem to incIudc Ony es Cim.atr of the s y.stematic error resulting from the Ilcbye - 1Jiickel

calculations or activity coefficients, and this hjclchsn source of sy stmmatic error can he quite

substantial, pa rticulm-1 y since the rn tio of the ion-pairing conl~ibu tion to the activity coefficient

contribution is not greatly enhanced at low ionic strengths. Al 1 of these considers rions make

plausible the apparent disc repancy between our values and Nakfiyama’s values ( Table XII) for

the ion- pairing cons tanrs, quite apart from the obviously different nontllerlllo{lynnlnic assump-

tions used in the two types of czlcLdation.

Garrels, ct al., 30 arrived at “valu& for K Y which arc in good agreement with our va lLLL-S,

but obtained a higher v~lue for K ~ . Again, Cerrels was working primarily through the protons-

tion equilibria, and we have seen that discrcp~ncies of 0.3 logarithmic Llnit can CXXLlr simply

between diffc.rent experimental techniqu m in tic: same ionic medium. Whm onc adds to this all

the complications of correcting To zero ionic strength, the discrepancy of 0,3 to 0.4 logarithmic

unit in K: is not sLuprising. An additional assumption made by Carrels, which has not been

assessed cluantiratively , is that the Walker values of carbonate fictivity coefficients obtoined

from potassiu In salts arc a reflection c)f the rru e fictivity coefficient values, We have also made

this assumption in our correction to Z&ro ionic strength. As we havti discussed above, this is one

of the main sources of uncertainty. Our current experimental work ( Srctkm 11 and IJT of this

report ), which will give thtrlmoc]ynamic mean activity coefficients of alkali metal ca rbcmtcs

and bicarbona tes, wil 1 a t ie,ast permit a rig-orous approach to this problmn.
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111. ALKALI ME’1’AL CA1<11(3NA’l”ES

Lixperimmts have been carried oLlt in fin attempt to measure accurately the activity

coefficients Of Na z COs ~n(l Ifs C03 in aqucms sOILlti.On. Early work by Walker, Bray and

.Johnmn 27 does not provide these clam since their measuremcms wwe made using cells with

liquid jLlncrion. EMF mc~sLmemcnts in this work were made using a silver-silver carbonate

electrode with either a sodiun- gla ss ( C!cwning no. 476210, glass compositicm NAS - 11- 18) or a

cationir ( Bcckmm no. 39137, glass composition NAS-27- 5) eldctrode. Silver carbma tc was

prepared in the lollowing manner, based on the work of Walker, Bray ant] ~Johnson. ( All solu -

tions wcr< preps rcd using rcagcm grade chemimls and triply-distillml water) .

Approxilna tL’ly 250 ml of 0.3111 AgNO,l were placed in a flask and stirred. Slow addition

of conccnrra~ed NI 11OF1 caLIscd thr clear solution to da rkcn with Apj 0 precipitate. The acldition

of NH! (CH was continucc unti 1 th c pr?cipi ta rc had just clisappea reel, The solution of the silver-

ammcmia complrx was filucredj and a slow stream of (702 was pas sc:cl through ir yielding

yellow, crystalline A~~ C!OS.

‘I”he A,gp(;CJ,j was analyzed in the following manner. Saimplrs of the salt were vacuum

Llrird al 100 0C and at room tcmpprarurr. Those which were heated were considerably darkened.

A portion of car h sa mplc was weighed and dissolved in concentrated nitric acid, and the pH was

a dju stcd to 1.5 to 2.0with NaOl [. Thcsr “AgN(~:3 “ solutions were then ana]yzcd for silver by

potentiomemic titration with standard HC1.. LJndcr thr assumption that all the silver in the

sampJ~s cxistrd as Agz C!C)S, the samples mstcd were founcl to be 99.7% by weight Ag~ CO,].

Th me analyses arc being rcpea ted more carcfillly LOimprove the accuracy, Potential m~asure -

ments made Llsing t}le si lvcr - silver c,arbonntc clectroclcs prepared from this material were

stable (* 0.2 nlv 01” lCSS , dxccpt at uonccntrations c 10-5 m) .

Stock solutions of Naz C!03 (2 and O.lm) ancl 1<<Cos ( 7 and O.lm) were prepared and

anal yzcd by potclitionletric Li~ration witil standard 110. ,Sarnples at other concentrations

were prepared by weight from t}lese SOIUtions. Solutions of NaCl and KC1 for he reference

ccl]s were prepared a ncl analyzed by potmrionlctric titration with AgNOS.

The cells LIsc:d were 01” two compartments, separated by a “J)” frit, in a U-configuration

with a well in one compartment for the Agz C(ls elccrrode. Mess urements of potential were made
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using the cells:

Ag/Ax, CX)s/Naz CO, ( Kz CO, ) /Na glass ( carionic)

J.nd

~ AgG1/ NaCl(KCl) /Na glass (cationic)

Parentheses are used to indicat~ the cells for the altbrna te measurements.

The pmcntial d~fferencc between t}]csd cells could be compared with resu Its rcportrd

by Walker, ct al., who measured th~ po[cntial difference ( including liquid ,junction) hfit wccn an

Ag/Ag, C’03 clectroclc in a l<HCO,~ - I<, CO, solLltion of known ionic smcngth and an Ag/AgCl

dlectrode in the identical solution also containing I(C1.

In each run, the test cells were prepared in the following way. The AgJ C03 well was

Imasked to prevent light exposure and an acid-etched silver coil was placec{ in it. A~~ C[h WaS

packed around the coi 1 and glass wool was LIsccl m phi g the wcl L ‘l”hr elcctrodr was wcttd wi[h

the solution of intcr~st and the ccl 1 was fi lM from the opposit~ compartment. This was donr

Co allow time for equ ilibriLlm to bc “rc’ached and N) minimize diffusion of silv~r ion to the g]a ss

elect~odes. The complmc unit was placed in a wamr b~th (25 “C) with the rrfcrcncc ccl].

Por’cntials were measurec] u si n~ a 13eckman Research pl [ nlct~r by tra nsfcrring thp glass

electrode ( with “rinsing) between twt and rcfcrencc cells. The solurion in dJc non- well compm-r-

ment was then exrrncted ~nd rcplac eci and the measurement repca ted. This procedure WL+S

repeated until a constant AE value was obtained. ( ‘l”ypicnlly, che CCIIS rrqLlircd about 3 hr m

equilibrate, and three chang~s of s~]lution were measum d.) The potm~i:l 1 cliflmcnces ohtainL;d

in this Imanner arc prescnteLi in TaMc XVIII. The pl{ of’ solurions was measured indrpendent]y

using a combination pl I cIectrode ( l~ishcr Scientific, no. 13-639-90) .

The Nernst cquarion for thesr cell reactions can bc wri rccn:

RT
~= @-21’

—ln(4m3#)

where

E =E – Etest ce~~
refcrencc cell

m = molal concentration of Na~ COS or 1<2COS

y+
= mean nctivity coefficient of Na~ C03 or J<zC03

( 42)

The value for E” can be obtained by cxtrapolotion of chc cell potentials mwsured at at diffcrenc

electrolyte concentrations ro zero concentration. This was done by assuming that log y * is

given by the L)avies equation: I
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Table XVIII. Activity Coefficient

Molal
Concentration

2.0997

1.4992

1.0235

0.1001

1.0035 X10-2

9,9762 X 10-4

1,00’71 XI O-4

4.01 x 10-6

6,7453

3.4663

1.0482

0.0984

1.0033 x 10-2

1,0040 x 10-3

1.0043 x 10-4

9.842 x 10-’

1.005 XlO-’

AE
( E -Ete~t)

ref

0.10’73

0.1294

0.1368

0.2007

0,2682

0.3561

0.4294

0.4795

0.0585

0.0873

0.1295

0.2047

0.2’729

0,3529

0.4414

0.4829

0.4975

pFI

11.820

.

11,612

11,376

10.925

10.247

[ 7.425]

.

13.644

12.663

11.960

11.502

11.065

10.522

9.435

[ 7.100]

.

Data for NazCOs and KZCOS

Ec
Log y+ (Davies) Log ~,+ ( Calc.)

0,2029 0.5545 –0.6604

0.1827 0,2239 –0.7631

0.1535 –o. 0230 –0.6808

0.1033 -0.2992 –0.3913

0.0959 –0.1444 –0.1532

0.1030 –o. 0522 -0.1413

0.0910

0.0182

0.4415

0.2719

0,1482

0.1067

0.1006

0.1000

0.1029

0,0560

0.0170

-0.0173

-0,0035

3.2872

1.3402

–0,0107

–0.2983

-0,1444

–0,0524

-0,0173

–0.0055

-0.0018

0.0284

0.8637

+.5631

--0.5985

-4.5548

-0.3749

–0.1520

-0.0539

-0.0515

0.4895

1.3159



where

A = 0.509 at 25 ‘C

Z+z =2

I = 3m

Using rhc IZOvalue obtained in the above fashion, the activity coefficients for the SOIUtes

under consideration can be calculated. Our values for EO[ 0.0951 for Naz CO~, 0.0999 for K2 C03

( see Fig-. 7 ) ] are approximate because of the limits of our dara. ( Further measurements at

concentrations between 1~1 and 10” 2m are being carried out to refine our results.) The above

approach was incorporated into a computer program ( Table XIX), the results of which appear

in Table XVIH, TIm variance of log 7 with concentration is shown in Fig. 8.

The Davies equation should hold at concentrations berween 10-1 and 10-4 m. At higher

concentrations, one would expect deviations as a result of specific ion pairing effects.

From Fig. 9,it is clear that the expected Nernst slope is not observed at low concencra -

ticms of carlmnate. This deviation can be qualitatively expIaincd by che finite volubility of

Agz CC),, which contributes siIver ions to the solution, even when there is no excess Naz CO,

or Kz COS present. In more quantitative terms, we may make the following calculations based

on the known solubiliry product27 of Agz C!O~: Kso = 10-1 l“”g .

The potential of the CC1l:

is given by the Nernst cqmession:

E = E::o, – yF
,.

In [ CO~-] - Efia -~ln[Na+]-~.!ny~ ( 44)

where we have already evaluated I
I

I
‘0’=‘:03 – ‘ka = 0.100 ( 45)

in the course of obtaining the mean activiry coefficients. At low concentrations, these activicy

coefficients approach unity, so we may set 1’+ = 1.0 fOr the present argumem.

The potential of the Ag electrode may be expressed either as a C03 -reversible or

Ag-reversible couple

1

‘Ag ‘
EO

co,
- ‘& ln(CO~-) .EO +

Ag
~ln[Ag+]

which leads to rhe relation

( 46)

I
( 47)
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Tilble XIX. Computer Program for Calculilting En’ find Log y+

l.f$~ TYPE “ F.m - CAL CIILATIONS

l,lfl DEYAND N
1.2P DEYAND M(I), DE(J) FOR I = 1 Tfl N
1.3V) LG(I) = -( 1.f118)x( ((T0RT(3*Y(I )))/(l+5QRT(3*Y(T))))
-(M.2*(3*v(1)))) FOR I ❑ I Tn N
1.40 A : 1.5*fl.05915Al,0G l~(1.5R7.4fl 1)
I.!ifl R = 1.5*m.f15Q!5
1.55 T(I) z Lf)Gl[7 (M(I)) FOR H = 1 TrI N
1.60 !7(1) : DE(I) + A + (R*LG(I)) + (B*T(I)) Ff)R I ❑ 1 T(I N
I.KI DEMAND Efl
1.62 To STEP 1.95 IF FO : ~
1.65 LGC(I) z ((Kn-llF.(J)-A-(B*T(I)))/R ) FoR I ~ I TO N
1.70 TYPE fi, B
1.80 TYPE

YOL4L CONC. DELTA F. LOG G-D Cfl’ LOG G-C ““

I.QD TYPF. TN FORT 1: M(I), DE(I), ~.~(1), F.(1), Lfi~(l) FOR 1:1 ‘o N
1.91 PAGE
1.02 TO STEP 1.61
1.Q5 PA(3F
1.97 TO STEP 1.10

FCiR?l 1:
%Z.ZZ7,ZZ%%% 77.%2%% 777 77777. . . . . . . . . 77.%ZZ%Z %77 77777,.,.,,
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Fig. 9. E)eviaticm c]f potential from Ncrnstian behavior as a function of
concentration (se& text )
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whcrp

~=uo+RT
~ fn[ Ag+] –R~T Ln[Na+] ( 48)

EO= 0.427 and [ Na+] = 2m.

The silver- ion conccntra Lion [ Ag+ ] is obtained from the cqu ililmia and Imass balances:

[ Ag+]’ [ (:0:-] = K~o ( 49)

m+ LA$J=, C’05-] +K, ,1P] [CO!,-, ( 50)

where K ~ = 10’ rhese calculations have hccn incor-10”33 is thd fo,rmarion constant of HCOj .4’+ -

po ratcc] into the computer program of Table XX,

Two co ses must bc considered for oprimLlm converg-cnce of the intcrations. [n the first

case, when m is much less than [ Ag’ ] ( pare 3), then the recursion formulo

[Ag+]3=2Kqo (l+ K,[H+]) -2m[Ag +12 (51)
.

converges nicely. In the second case, when m is ~nuch g-rcatcr than [ Ag+ ] (part 4), the recur-

Skm fOITLILl] a.g

Kso(l +Kl[ H+]) -1/2 [Ag+]3
[Ag]2 =

lm
( 52)

gives faster convergence, In the program, convergence is assumed m have taken place when

two SLICCCSSiVE’ valLIe of [ Ag+ ] agre& to one part in 104.

The thcoretica 1 values arc compared with the mperimenta 1 v~lues in Table XX1 and

l~ig. 10. The deviations in tie concenmsmd region ( m > 0.01) are simply due to the activity

cocfficlcnts of the alkali metal carbonate. in the region from ().()1 to 0.0001, the agreamcnt is

good. The deviations at lower va lucs of m may be attributed to two effects. First, the pl I of the

solutions WQS not measured at the same time as the potentials were measured, and may be too

acid because of nbsorpcion of c02 from the atmosphere. This would tend to make the calculated

II va Iues too lm-ge. Second, a c the very low concentrations , we expect to observe quicc large

liquid junction potentials (-O. 1 V) between the dilute Na2 COS or 1<2CO* solution in one compart-

ment and the solution saturated with Agz C03 in the othrr compartment. These potentials will be

particularly large because of the presence of a clivalent ion, as well as because of the concentra -

t~.on gradients through the frit.

Jn conclLlsion, we can say dlat we have semiquanrimti vc agreement in the very dilute

region, but that the experimental technique would have to be refined before reliable estimates

of the effect of liquid jLlnc’cions coLdd be separated from thti effects of pl 1 changes.
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3.1 AG: YfI(I), AGN= AG
3.2 AG = (?*l(P(!) - i?*~(J)~AG-2)A[l/3)
3.3 DONE IF ARS(l-AG/AG!i) tl~”-4
3.4 AGN = AG
3.5 TO sTEP 3.?

Table XXI. {~onlp:irison of Exl]crilllent~~l a.nd Theore~ical Poten[ial VdLILW
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IV. Na-Cl-Mg-SOq EI,UCTKOLYTES

A. lntrodLlction

In attmnpting to refine the chemicgl model for mu]ticomponcllt saline Mdutions, a shldy

of the Activity coefficients of IWIC1 in four-component mixed electrolytes IELS been uncle rtaken.

These elccm-olytcs contain the ionic components N~’, Cl-, Mg2 +, and SO;-. “he experiments

are complicatcdj not only bectiu se of the additional component introduced, but because of the

possibility of relatively strong ion-pair forms tion between Mgz + ~nd SO; -. Association con-

stants as large as K I = 102’X5 Imve been rcporccd for this pair of Ions .“s

Jnitiall y, we explored the possible cff~ct an ion-pairing eqLlilibrium of this ma.g~itude

mixht hnvc on the ionic strength of electrdytcs conjoining both Mg2’ a.nLiX!:-. 13ccausc these

were nor necessarily present in equivalent concentrations, wc included the possible cffec Lof

other salts ( NOZS04, MgCIZ ) wflich could contribute these ions. The concentration of MgSO,

ion pairs is caIcLI lated from the equjlibriu m. Wb have:

[ Mg2”] = m, +rm -K, [M~+] [SO:-] ( 53)

[ SO~-] = m, +m. -K I [ Mg2+] [ SOj-] ( 54)

whc.re component I is NaCl, component 2 is NL~2SCh ? component 3 is MgC1.Z, and cOn~P~nent 4 is

MgS04. The cquilibriurn constant usecl contnins the activity cueffici ents of dlc divalcnt ions

K, = 102”5 72+ ya- ( 55)

Now, these activity coefficients are not dirtictly separable from the ion-pairing equilibrium

except under conditions ( such as in a large excess of noncomplexing electrolyte) which are not

directly applicable to our current problem. Thus, the VO.lUCof K I used could critically affect

mm assumptions about the actual ionic s rrcngth of the SOIUtions. This ionic s’crcngth is given by

I=nlli3n~2+3~ll~+4m4-4 X ( 56)

where X is th~ concentration of MgS04 ion pairs} which is Obtained by s(~lvin8 tile q~l~dratic

equation
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K,X’ +BX+C=O ( 57)

Witi”l

B =-K, (mz +rn, +2m4) –1

C= KI(m, +m, ) (m, +m~)

using the conlputer pro~am { IvfgSC!l) given in Tahlc XXI1, we cnlcu latecl rhe conccntra -

tions of each salt required m obtain a given fim 1 ionic swength with a given set Of ratios lm2/m 1,

m3/ml, and m4/ml. ‘~o CIOthis, we made three separate assumptions regarding the value of K 1:

( 1) that K,= O (no ion pairing considered fwrmally) , (2) that K I = 104”Z’ = 177.8 for all ionic

st~en@s ( no activity coefficient corrections considered formally) , and ( 3) that K I was given by

Eel. ( 55), above, w’th the activity coefficients yz. = yz. = y, being calculated by the Davies

equa.tiOn:

10g72=-(050’)(4)(*-0 ”21)

( 58)

Admittedly, this is not necessarily a good assumption at high ionic strengths, but it is

at least a self-consi stcnt method for calcula ring ~pproximarely the activity coefficient contribu -

Lions to the ion-pairing cqu!libriurn. It turns oLlt that the form of Eq. ( 58) makes little differ-

ence in the prescmt case.

[n orclcr to obtain a self-consistent set of results, it was necessary to make an iterative

calcu kltion. Since the ionic strength value was assumed, the activity coefficient y~ and hence K 1

could bc obtained dircc tly. Then, assLlming chc given ratios of mi with X = O, Eq. ( 56) was LIsed

to obtain lmI and hence the individua 1 m.. Then Ecj. ( 57) was SOIVCCIto obtain a valLle of X. This
1

was in hlrn substituted in IZq. ( 56) and the iteration conLinLled until two successive valLles of m I

agreed to 1 part in 107. The results of rhese calculations are reported in Table XXH1. Wd have

distinSllishccl between a nomina 1 (or “rrue”) ~onis strength, given by Eel. ( 56) with X calculated

from Eq. ( 57) , in which ion pairing has been explicitly included, and a fortnal ionic strength,

which is given by ELI. ( 56) with X = O. ‘~his latter is usually the way ionic strength is expressed

for single sa 1!s or simple lmixrures.

Even at low ionic strengths, the concentrations of salt required are fair] y sensitive to

the assumption of ion pairing ( i.e., K, = O or 102”’5 ), but because of compensation in the

equations, the activity cocfficicm values do not lmakc much clifference at a 11 in either the final

concentrations or jn the forlmal ionic strength ( a ]though they make a dramatic difference in K I).

This, at least, is fol”hlnatc.
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Tab] e XXII. Computer Frogra.m to Assess Ion -Pairing Effects in Solution
Containing Mg2 + and Sd -

PIGS04 JCS 12/3/69

1.00 TYPE ‘IONIC STRENGTH OF PIGS04SOLUTIONS
1 : NACL, 2 = Nh2S04, 3 z MGCL2, 4 z MGS04*

1.1!3KO = 10-2,25, X : 0
1.21 DEMAND I
1.22 TYPE ‘RATIOS TO NACL”
1.23 SEMANB !!2,R3, R4
1.31 L(32: 2.t!36*(SCiRT(1)/(l+SQRT (1))-fi.2*1)
1.32 K1 = KO*10-(-2*LG2)
1.33 BEMANB K1
1.34 TYPE K1
1.35x: OIFKf =13
1.41 M) : (I+4*x)/(l+3*R2+3*R3+4*R4)
1.42 fI’?2❑ MI*R2, M3 = MI*R3, b14= MI*R4
1.43 TO STEP 1.81 IF KI = I?
1.51 B = -M1*(M2+M3+2*M4)-1
1.52 c = Kl*(M3+M4)*(M2+fI14)
1.53 DISC = 13*8-4*C*K},B2 : B*B/(4~0*C*Kl)
1.60 X = -(B+SQRT (DISC))/(2*Ki)IF B2 < 1
1.61 TO STEP 1.71 IF B2 <i
1.62 XN = (C+Kl*X-2)/(-B)
1.64 TO STEP 1.71 IF ABS (X/XN-1) ~ 10”-7
1.65 X : XN
1.66 TO STEP 1.62
1.71 MTEST = Ml
1.72 DO STEP 1.41
1.73 TO STEP I.fllIF ABS (mTEST/Ml-l)w lfIA-7
1.74 To STEP 1.42
1*8I TYPE Ml, M2, M3. M4, X
1.g15 IS = Ml + (3W12) + (3*M3) + (4*M4)
1.t!16TYPE IS
1.s2 TO STEP 1.21
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Table XXIII. Results of Calculations

Concentration
I

Nominal K

0.50 0

12’7.8

9.34

1

g
1.00

1

2.00

0

17’7’.8

10.67

0

Ratio to NaCI

‘Na, SO~ R
MgCIZ

R
M@04

1
0.5
0
0
1
0.5
0
0
1
0.5
0
0

1
0.5
0
0
1
0,5
0
0
I
0.5
0
0

1
0.5
0
0

0
0
0.5
1
0
0
0.5
1
0
0
0.5
1

0
0
0.5
1
0
0
0.5
1
0
0
0.5
1

0
0
0.5
1

1.5
0.25
0.25
1.5
1.5
0.25
0.25
1.5
1.5
0.25
0.25
1.5

1,5
0.25
0.25
1.5
1.5
0.25
0,25
1.5
1.5
0.25
0.25
1.5

1.5
0.25
0.25
1.5

Nominal I given by Eq, ( 56) with X calculated from Eq. ( 57).

M
NaCl

0.0500
0.1429
0.1429
0.0500
0,1174
0.1958
0.1958
0.1174
0.0739
0.1663
0.1663
0.0739

0.1000
0.2857
0,2857
0.1000
0.2420
0.3957
0.3957
0.2420
0.1775
0.3555
0.3555
0.1775

0.2000
0.5714
0.5714
0.2000

MNa2S0.

0.0500
0.0714
0
0
0.1174
0.0979
0
0
0.0739
0.0831
0
0

0.1000
0.1429
0
0
0,2420
0.1978
0
0
0.1775
0,1777
0
0

0.2000
0.2857
0
0

M
hlgc12

o
0
0.0714
0.0500
0
0
0.0979
0,1174
0
0
0.0831
0.07’37

0
0
0.1429
0.1000
0
0
0.1978
0.2420
0
0
0,1777
0.1775

0
0
0.2857
0.2000

%@ 04

0.0750
0.0357
0,0357
0.0750
0.1761
0.0490
0.0490
0.1761
0.1108
0,0416
0.0416
0.1108

0.1500
0.07’14
0.0714
0.1500.
0.3630
0.0989
0.0989
0,3630
0.2662
0.0889
0.0889
0,2262

0.3000
0.1429
0.1429
0.3000

x

o

0.1685
0.0464
0.0464
0.1685
0.0597
0.0205
0,0205
0.0597

0

0.3550
0.0962
0.0962
0.3550
0,1936
0.0611
0.0611
0,1936

0

I
Formal

0.500

1.174
0.685
0.685
1.174
0.739
0,582
0,582
0.739

1.000

2.420
1.385
1.385
2.420
1.775
1.244
1.244
1.775

2.000

Formal I given by Eq. ( 56) with X = O.
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B. Experimdnta 1

Solutions were preparml from reagent gracle chemicals and trip] y-clistillcd water. They

were then analy~ecl for chloricle by potcntiomctric titration with AgNOs, and for sulfate by chc

8aSOI bwavimctric rncdlocl ( concenmations arc given in Table XXIV). For ionic strengths from

0.5 to 2, solutions were prepared by weight from analyzed stock solutions of the four salts. ThE

remaining solutions were prepared by weight ancl analyzed individually for chloride and sulfate.

Using these data And the charge balance equation ( sre Fig. 11), the concentrations of salts at

ionic strengths 4 and 6 were cwtablishcc].

IZMF measurements were lmade of the CC1l

witl a rcfcrcnc? cell

Ag/AgCl/NaCl/Na glass

The Ag/A@ clcc,troclrs were matchd to within 0.1 nlV, anti the sodiLllm -glass c]ecn-ocie

( (l!orning NAS - 11- 18) was passed, with rinsing, between the test ancl reference solutions for

measurement, The CCIIS were tierrnostated ~t 25. o + 0.10 C’ in a water bath. T1lc pc)tcntials

m asurecl in this way are rcportccl as E — E te~t in Table XXIV.
ref .-

C. Results

“llle activity coefficients fur pure NaCl reference solution at each ionic strength were

imcrpolateci from thr tah]cs of Robinson anti Stokes , and the activity cocfficien’cs of NaCl in the

mixed electrolytes were calculated using the compLIter program given in Table XXV. Values so

obtained are reported in Table XXVI, and plom’ed as a function of ionic smengh in Fig. 12.

Because of the monotonic nature of these curves, cxper!memal point 2A is believed to reflect

an error in the measurement of AD.

The next phase in our research on the chemical model for multicomponent electrolytes

is theoretical. Although this portion of the work is not complete at the time of writing, the gen-

eral procedures htivti been established and will be outlined here.

First, wc must establish values of the ion-pairing constants for the strongly associated

ions in the Na - Cl- N@- S04 electrolytes. This will be done by Llsing the same type of assumptions

we have LISed in our work on the carbonate systems, which we have already described in Section

11. The computer program XPYT can be usecl with only minor modifications. Assuming that

Na Cl is nonassociatecl, we can nttr ibutc variations in the mean activity coefficient of NaCl when

Naz S04 is added at conscant ionic srren~vh to the formation of the ion pair, NaSO; . This calcu la -

cion has been carried out approximately by Pytkowicz and Kester, 25 but it would be necessary for

our purposes to make usc of the most recent and accLlrate activity coefficient data15’ 1° in estab-

lishing these ion-pairing constants anti investigating how well the chemical model fits this

particular system.
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WEIGHT OF NaCl (Na2S04)

USED IN STOCK PREPARATION

I
ANALYSIS OF STOCK FOR
CHLORIDE (SULFATE)

=

EWATER CONTENT—OF “DRY”

# I
WEIGHT OF NaCl (N02S04)
USED IN MIXTURE H

I

‘-l
2 [S042-]-t[CI-]= [Na+]+ 2 [Mg2+]

1 1 (
ANALYSIS OF MIXTURE ANALYSIS OF MIXTURE
FOR SULFATE FOR CHLORIDE I

.7.2-

Fig. 11. Method of determining Cone (:nvs ti on using charge-balance ecpa’cion



‘J’able XXV. (l)mputer prOgrLIIll for Calculating Log C,amma

COMPUTER PROGRAM FOR CALCULATING LOG GAMMA PAGE 1

>LOAI)
FROM /LG1/

>TYPE ALL

1.00

I. Ii-l
1.20
1.30
1.50
1.60
1.7n

2.lfl
2.20
2.30
2.40
2.5kl
2.55
2.6FI
2.70

FORfl

FORM

TYPE -
CALCULATIONS

DEMAND MR, Rl?F
EOR : -118.3*(LoG
TYPE E13R
DO PART 2 FOR J =
LINE
TO STEP l.lfi

PEMAND Ml, M2, M3
MNA = MI+2*M2. MCI

FOR LOG GAMMA”

0 (?IR)+ (REF-1))

1T04

M4, D!?
= MI+2*M3

LG : ((-DE-EOR)/llR.30)-(0.5xLOGl0 (MNAxMCL))
I = M1+3*M2+3xM3+4xM4
BAL = 2x(M2+M4)+MCL-PINA-2*(M3+P14)
TYPE IN FORM 1:
TYPE IN FORM 2: DE, MNA, MCL, LG, 1, F!AL
LINK

1:
DE MNA MCL LG I BAL
2:
/.zzz.z %7 7777Zz.%z%z ...... Zz.zzzz ZZ.%2Z% %Z.zzzz
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Sample

.5A

. 5F!

. 5C

. 5E)

1A

1!3

1(:

11)

2A

213

Table XXVI, Activity Coefficients of NaCl in Mixed Electrolytes

I –log y Sample I

0.4971 0.1670 2C 1.9073

0.4982 0.1737 211 1.8849

0.4927

0.4929

0.1595

0.1528
4A

4B

3.6828

3.8550

0.9824 0.1901 4C 3.675!

0.9916 0.1952 41.3 3.5614

0.9761 0.1673
6A 5.3442

0.9712 0.1683
61? 5.6312

2.0043 0.2051 6C 5.0631

1.9646 0.2159 611 5.1001

–log ‘y

0.1664

0.1724

0.2370

0.2253

0.1458

0.1697

0.2518

0.2211

0.1170

0,1640

-74’-



4
u-l

-0:11

+3:

--o.

4.21

+.23

4:25

1 z 3 4 5 6

I

Fig. 12. Mean activity coefficients of NaCl in mixed electrolyte ( see l-able XXtl



f. similar type of rdculation can be carried out for th~ system Na(l-fvIgCIZ .

Lkause of the snm11 va lLI~s of the HarncLl rLlld coefficients for this system, we expect that

the formation constant obtained for MgC1.- WI1I be quite small, and that this ion pair can bc

ntigl Pcted in further ca Iculations. Nevcrthck’ssj it is s~ill ol’ interest to establish quanti[a[ivcly

bow accurate such an assumption rrprcscnts thb experimental data.

FIavjng established the extent, if any, to which Mg~,l” ion pairs are formed, wc can

tllcn mnke LISe of the activiLy coefficient ~iata for the system MgC!l~ - MgS’04 m cstabl i sh the

formation constant for the ion p~ir, MgSOi. [n this calculation, as MgS04 is adclc’cl at constant

ionic strength, wc art ributc chunges in the mean activity coefficient of Mg (;lZ primarily 10 the

formo [ion of [hc km pair, MRS04. Wc have a 1ready made some calculations ( summa ri ZMi

ear h cr jn this sec~ion) using the ion-pairing constant extrapolated to zero ionic smengrh as

obm ined by Nair and Nancol lasjls but we found in doing these calcu larions that the ionic smcmgth

dependence at high ionic smcmgths cou M not br predicted with any USCIU1.certainty.

Pinally, when all the ion-p~ iring constants lxtve been cstablishcdj wc can then PXanline

how WCII the chcrnicnl lmodel fits the experimental results. Both our experimental mcasurc-

mcnts of the mean activity coefficient of NaC!l ( given alxnm) and the values in the litcramrc for

the system Na(:l-Mgso4 15 ‘ lG’ 49 can bc: di~cctl y compared with values for the mean sctivi ty

coefficient of NaCl calcu Iatmd from the chmmica 1 model. A~~in, L’hesc calculations wi 11 be m r-

ried out according to che same algorithms u .sed in the carbona.t’e work ( Section II), but of course

will be much more rolmplica ted because of th~: possibility of forlming three ion-pair spccics

insmad of only one.

Wc believe that extension of the chmnical model to high concentrations in systems related

m SCMwa tc.r WI11 provide an essential link in the difficLllt problcm of making Imulticomponent

thermodynamic data ava.ilabl.c for cnginccri ng dcsi Lm.
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V. NaC1-Nal’ ULUCTROLYTES*

A. Introduction

TIIc activity cmcffic i cnts Of flurn”idc s;]] ts in tllU~tiCC)lllpOn Cnt SdLltiOIIS ( pill-L’kLlhrly thosp

containin~ Na(.; l) Are of Lwnsiddr; l.hlc interest in conn~ction with the flLmride chemistry of natur-

al warrrs, and the availability of a highly sdbctiv~ flLIOride - reversible electrod~ 5(’ has made

pr)ssi b]c the direct mcasul-cmwnt of these thermod ynnmic qumltil’ies. lkrlier work wilb dlis

elrct rode has been rcvi ewcd, find some preliminary cxpm-imental volues lmvc bcrn l-rportccl .51

Wc I-c:poru hel-e expe~-inlenw with lhe following cells:

Ag/AgCl/N;I ‘ , (:1- , 1’-, 11,0/Na(llg)

Ag/AgCl/NiI” , Cl-, l;-, 11,0/Na ~]aSS (NAS 11- 18)

Na. ghss/N&l+ , Cl”, 1~-, 1lz(J/T.,aF ~ membrane

Ag/AgCl/Na’ , (“;l-, 1~-, 1lz(l/LLll~3 membrane

The first two cells yield the n]can activity cocffiricnt ( yl ~) of Na(H in [1-LcIllixed elec!zo -

lyt’r, Illc: [llird yields the mcnn activity coefficient of N:]F ( y, ~ ) , and the foLlt”th yic]~ls the ~-ario

yl z /y~ 1. The mcasurcmen~s with the fourth cell are of in~m-es[ only because Lhey can be madp

mol-e pl-ccis ely hul can mcw surcmcnw with the s ccond 01- thirc] cells.

B. Fxpc ri mental

‘1’hc sodium amalgam-silver chloride cell was the same as has bccm ddscribcd previous -

ly. ‘ ‘ S2 b’xpcrinlcnts wirh rhc sodiulll-selective glass Glcct rode were ca. rricd out as previously

~Wo~~~~! 33 ‘52 ancl the A@-Lal~~ ccl] was cxac[ly th& same ccmfigur;~ti on, For the Na glass -

La 1’, c~ll, the La 1’, elcctroclc was connec~ed to L116refc rcncc clcctrodc inpLlt ( groLmded ) of the

pH meter, since it has a lower inlpedance than the Klass d cctroclc. The SOdiLllll-SCICCtiVc g~aSS

clcctrnclcq 5 was a (70rniny no. 476210 ( glass colnposition, NAS 11-18) Or a. T3ccknlan no. 39278

( glsss composition, LAS 10- 23), and the lanth:mum fluoric]e electrode was WI orion ilesearch

model 94-09 with block plastic body. The stability and response time of this later version of

the La 17s electrode have been improved over e:~rlier versions by :1 better seal between the crys -

Ml and the body.51

Sol Lltions were p repi~ rcd by weight from reagent graclc chclnicals and t r~ply -distillml

water. NoC1 ( Pishcr Ccrtifiecl) contained Icss than 0.01% brotmidc, less than 0.002% ioclicle,

X}>tirt of ~11~swork Ilus been acccptCd for puhl ication in &ELlytiCal (hemisU”Y, @Lember

1970.
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( 60)

To :l]~ply I [H1-1-HI‘s l-ulc, so] Lltions 0[ a given set were approximately the sill~le ionic strength

(e.g., 0.!501’1.0111). Since Lllr conccntratiorls of C~l]OI’iL~C ilnd flL!Orid L? in both the test and rc-

fc tcnck sO1lI(inns ilnd the rcnlper;lu]rc :1t.”cknown, the difference in potential All ( U – b;ref) be-

uwrcn rllvsd solLltions gives di rmlly the qLmtity

where supcrsdpt r stands [OI- Lhe ~-efcrcnce sol Lltion and L stnnds for the test solLltion. lZxper-

imcntol values of AE anti llz 1 arc presented in ‘~ablc XXVII.
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Table XXVII. Measurements With the Cell .Lg/i%gCl/h’aCI, NaF, FIZO/LaFs Membrane

I

0.4929

0.4934

0.5226

0.4965

0.5421

0.5629

0.6239

0.6172

0.6079

0.5894

0.5635

0.5527

0.9957

1.0003

1.0008

1.0085

1.0225

1.0409

1.0494

X2

0,9099

0,8469

0.6001

0,5081

0.3450

0.0729

0.9435

0.8593

0.7442

0.5138

0.1917

0,0570

0.9593

0,8853

0.8765

0.’7537

0.5294

0.2328

0.0966

pH

9.33

9.59

7.90

10.31

7.73

7.41

7.31

7.23

‘7,19

7.01

6.71

6.47

7.67

7.69

7.73

7.89

8.01

8.19

7.60

AE

–57. 5

–41.9

–5. 7

0

+20, 9

+69, 8

–69. 5

-45.3

–28.2

o

-E38.7

+73.4

–77.9

–49.0

-47.8

–25, 9

0

+33. 5

+60. 1

R2 1

0.0095

0.0102

0.0050

0

0.0021

0.0025

0.0117

0.0016

0.0186

0

0.0023

4.0009

-0.0023

-0.0041

0.0039

0.0018

0

0.0011

0.0030

Q

–0.0610

-0.0614

–0.0605

.

-0.0602

-4.0608

-0,0592

+,0592

-0.0594

—

-0.0607

-0.0602

-0.0554

4.0555

--0.0555

–0,0554

—

–0.0551

–0.0551

ci12

+.0181

-0.0315

-0.0200

—

+0.0546

+0,0406

0.0078

0,0333

0.0961

—

0.0367

0.0284

0.0303

0.0335

0.0221

0.0236

—

0,0299

0.0308

al?

–0.0790

–0.0925

-0.1033

—

-0.0056

-0.0203

--0.0514

-0.0258

–0.0367

—

–0.0240

-0.0318

-0.0251

+.0220

–0.0334

-0.0318

—

-0.0253

4.0243



If Ilarned’s rule is assuIned to be obeyed for Imtl) componcmts, then

h)gy12 =logylo –ml, X2T (62)

logy~l =logyprj –cJZI Xl J (63)

where Y1O and vJO arfi the activity c’oc!fficicnts of NaCl and NaF, mspectivcly, in soJutions con-

taining only Lh;lr salt at ionic strength, 1, which is the satne as the mixed solution. I[ lhe ionic

strength fraction of Nal~, X2, is t-lcfincd by

X2=1–XI=
%

ITlp “1-m
c1

cmc obtains from Eqs. ( 61) tlmou,gh ( 64)

( 64)

(65)

whm”~ x~ef= x2 in the refercncc solution.

Independently, from the Gibbs -lluhem l-elation, one may obtain the relation

2
1121 -m12= — (’?2° - 0,0) = Q

2.303 T
(66)

o
wherp @z and ~lo n re the osmotic coefficients of sol~ltions containing cmly Nal; and Na(;lj re-

spective] y, at ionic s crcmpyh 1. (;onlbining this with lZq. ( 65) , we obtain expressions for the

two FIa rncd rLdc cocf fi.ciems:

R21
CJ12 = -Q (67)

21(xrrf–x2) 2

1{2 I
CYzl = +Q

21 (xref–x2) 2

(68)

Thus, from each experi mcmta.1 point in Table XXVII, one can obtain directly a val Lm of N~z and

a value of ~Z ,. From osmotic coefficient values listed by Robinson and Stokes, 1‘ we obtained

Q‘s corresponding to different l’s, and Khcsc me listed in ‘rable XXVII :dong with the resulting

FJarncd rule coefficients The mean ValL16S of these, togct}]er with their statistical 95% confi -

derwe limits, arc presented in Table XXVIII.

AlthoL[gh th~ other CCHS give a more direct nleasLlrenlent of the activity coefficients of

NaCl or Nal~, the results were not only Icss precise, bLlt seemed to be subject to large syste-

m~tic errors. Results obtainfid at ionic strcn@l 1.0 arc shown in l~igs. 13 and 14. On each

figure, a line corresponding to Harncd’s rLdc with the coefficients obtainccl from the data in Table

XXvTJ has been drawn for comparison. I Im-neci rule coefficients evalu~ted from each data set are
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o.

0.2

cd

h-

_g
I

0

~ AgC1-Na glass

~AgC1-Na(Hg)

&igC1-Na(Hg)

NaC1-NaF, I = 1. OOm

~A

&
:

0

&.

0
0
0

A

A

0.1 0.2 0.3 0.4 0.5
x,

0.6 0.7 0,8 0.9 Lo

Fig. 13. Direct measurement of the activity coefficients of NaCl in NaC1-Na F
electrolytes at ionic strength l.Om. Note that the TWOseparate
series of measurements with the sodium amalgam electrode are
in good agreement. The sIope of the Harried rule is obtained from
tie data in Table XXVII



0.255

0.25C

0.245

0.2351
mm
1

0.23C

0.225

+ L~F3-N~ gl~ss (B)

0 LaF3-Na glass (C)

NaC1-KaF, [ = lm
+

+

+ /

+

+

0.2201
0 0.I 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 1.(.

(NaCl) X2 (fdaF)

Fig. 14. Direct measurement of the activity coefficient Of NaF in NaC1-NaF electrolytes at ionic
strength l.Om. The slope of the Harried rule line is obtained from the data in Table XXVII



listed sep~ t“atcly’ ill T~lble XXVIII, and detailed IILllllbCl”iCal VLIILICS have bcmr mode available

elscwhc’ PC.2

Tablr XXVlll. 1lamed Rule (.kwfficimts for NaCl in Aqueous NaC1-NaF Electrolytes at 25 “C*

AXC1-I.aF:, — 0.5to 0.6 6,5 to 9.5 +0.029 + 0.014 4.035 + 0.015

1.0 7.6 tO 8.2 +0.028 + 0.002 4.027 + 0.002

AgC1.-N;I Na(llx) 0,5 9.3 to 11.0 4.01+ 0.03 —

1.0 10.3 to 11.1 +0.028~ 0.007 —

Glass c 0.5 6.4 to 7.3 +3.11 to 0.01 —

1.0 7.6 to 8.2 +0.01+ 0.01 —

class C’ 0.5 6.410 10.3 +0.002 + 0.016 —

LaF S-Na Glass [: 1.0 7.6 to 8.2 — +0.005 + 0.005

Glass 13 1.0 7.6 to 8.2 — -0.03 + 0.01

*~l-rors are s~atistiual 95% confidence limits.

‘IGIuss compositions were NAS 11-18 a@ 1 yr (C) or new (C’) and LAS 10-23 (B),

1), I )iscussion

At ionic strength 1.0, direct measuremrnrs of al 2 with the AgC1-Na (Ilg) cell and direct

measurernenw of UZ~ with ~he LaF~ -glass (E) CCH ilrc in god agrccmcnt with the values Ob -

raincd fronl ‘1’ab]c XXVII. Data obtainml wj.th the aged glass electrode ( C), although relatively

self-consi~trnt, did not agt-cc at all with the other mcasut-cmcnts. At ionic strenhmh 0,5, data

obuained b) all methods are lnucll less precise, but are in general agreemenr with cacll other,

with the LVWeption agnin of glass c1Pet rude C.

in view Of lhesc rcwul[s, we recommcml the fOHOwing ‘‘best values ‘‘ of Harried rule co-

cff i.cicnts for calculating rhc: acriviry coefficients of NaCl o t.”NaF in lmixed electrolytes:

al z = +0.028 + 0.002 @zl = -0.027 I- 0.0002

Since Lllc dependence of tl-lc rxpm-imentally dctcrmincd Ha tmcd rule cocffici ents On ionic stren@l

(in rhc: range of 0.5 to 1.0) is smaller than the estimated experimental error at I = 0.5, and

sinr~ thp exact values of the I lamed rule coefficients have rrlativcly little effect on calculated

vd Lws of yl 2 or 721 at 10wel- ionic stren@w, the above values of al z anti Uz ~ can be taken m bc

indq]endent of ionic strenknh. This assumption probably introdLlces an error of less thm 0.002

in log y.

IT, c Br/;ns ted thcxwy 1s of ionic interactions, in which the acrivity coefficient of a given

ion is influmlced only by the pr~sence of ions of the opposite charge, predicts that al z = —az 1.

‘lhis is cquivalenr’ to the “ideal nliXtLlrC” of ‘ ‘nonidcal solutions” for WIJiCh the excess free
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cncrky of mixing, and hence the term # ‘), is zero. A number of systems involving univalent

ions cot-respond fairly closely to [his relatively simple model, and the NaCl -NaF system ap -

pears to be one. others (with values of U,, i- U, , at I ~ 1.0 in parentheses) are NaC1-NaBr

(-0.0017),5”KC1-ICBr(-0.0011)54 or (0.000),55 Na(3-KBr (+0,0011), 54 NaC1-NaNOs

(0.0000)” or (-tO.0005), 7 and NaCIO1 -LiC104 (-FO.0015).5 6 Mnst other aqueous scdutions of

two salts show values of this quantiry 7 which are greater than 0.01 ( p 0 >0.023), with the excep-

tion of the recently studied 1 G mixtures NaC1-MgSOq and NaZSO’ -MgClz, for which D 0 is -0.007

and -0,006, respectively, at I = 1.

An alternative viewpoint, which might be termed the ion-psi ring or chemical model

approach, 25 ‘ 5 7 assumes that all deviations of the activity of a reference salt ( e.g., NaCl, ),

from its activity in a solution containing only that salt at the same ionic strength, are due to

interactions with othc r salts in the solution (e.g., NaI~ ). This model predicts a dependence of

experimentally me~sured yl z values of composition which corresponds very closely to Harried’s

rLI]c wjth a posirivc ml z, if there is weak ion pairin~ of either Na+ or Cl- with an ion of the

other salts. Qualitatively, it is apparent from the positive sign for al ~ and rhe negative sign

for al ~ that the Na+ -F- intcractims are substantially stronger than the Na’ -Cl- interactions.

Quantitativc]y, wc can cnlculatc, from al Z given aimve, an equilibrium constant for the forma-

tion of the Na+ -F- ion pair by the method previously described: 57

log K, = 0.’79 + 0.04

Of course, this value is referred to a standard state in a Im NaCl medium, not to in-

finite dilution.
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VI. POTASSILJM-SEI, ECTIVE LIQUID ION-EXCHANGE ELECTRODE*

A. Jntrocluction

The availability of a ncw liquid ion-exchange eIectrodc system which flas been reportccl

to be highly selective for po~a~siurn over sodium5s’s o has encouraged LIS to sLUdy its th crmo-

dynarnic bchnvior under conditions where quantitative mea suremcnts can b~ maclr

rigorously. 3“ ‘fi”

The cell

Ag /AgC1/K+, N~’, Cl” /ion exchanger/K+, Cl- /Ag(;l/Ag

was measured at 25 0C! over n wide range of compositions for th c test ( left-hand) solution. The=

reference electrolyte ( right- hanc] compartment) was O.Olm K(:1 saturated with AgC!l and was

held constant in cornposi tion throughout the mea suremetws. The ion exchanger, obtfiined from

Orion Research, Inc. ( Type 92-19) throug}l the coLmtesy of J3rs. M. S. Frant and J. W. Ross Jr.,

consists of the polypeptidc valinomycin in an aromarie solvent.6 ~ Such an electrode rcprcscnts

a dramatic adv~ncc over th~ presently available potassium-selective glass elecL~odes ( NAS 27-5) ,

Typical glass electrodes have a selectivity of 5:1 for potassium over soclium, whereas the

valinwmycin system shows 4 selectivity greater than 1000:1. A number of antibiotics, inducting

valinomycin, the macrolicie xccins, and the enniatins, have the ability to dffect strong] y thr potss-

sium ion transpor[ in lmitochondria. ~~ Simon and coworkers~;) reportecl that the aclin homologs

dissolved in ~cli or benzene could be u scd to make electrodes which were selective fcw potss -

sium over sodium. ‘Ile observed slopes were, however, less than tile theoretical (59 mV)

Nernst slopes, Later, they reported that a suspension of non~ctin in NLljo~-ocranol gave approxi -

matcly theoretic 1 slopes between 0.1 and 0.00 lM K+, with a selectivity of 100: 1 over sodium.

In May 1969, at the Ncw York Meeting of the Elecmochemical Society, Simon reporte!l that val -

inolmycin gave a selectivity of 5000:1 over sodiLun .ancl a “linear

10-5 M.

res~30nse” between 0.1 and

‘Part of this work has been published as Activity McasLwemenw LJsirLg a Pots ssiunl -
Selective I,iquid Ion-Exchange EleCL~OC]~, by J. N. Butler and R, 1Iuston, Anal. Cheln., 42, 676
( 1970).

—
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Frant and lloss LIsed 5 to 10% of commercial va linomyci n in a variety of aromatic sol-

vents ( nitrobcnzcnc aml its lxm]ologs, c1ipheny] ethyr, ch lorohcnztmc, and bromobcnzcmc) as

the liquic] ion rxchangc.r in tllc conventional liquid membrane electrode StrLIChlW. They cxpcri -

cnced prohl cms WIth potassium conta m~.niltion ftmrn K cl salL bridge and were forced to LISe Qn

additional salt hridgr ( 5M lithium triclll(]rc]s~- ~-t:~tc). Wc have used a similar system with the

same ion exchanger. 1Iowever, we ha v~ II sd an Ag/AgC!l reference electrode in rhe swine SOIU-

tion to avoid variations of LAc liquid jLlnction potpntin 1 which restl 1ts from using a salt bridge

and a sahlratc’d ca]omcl c’lcct I“odc!.

B. I?xpcrimental

Potcntia 1s wc:.rc measured using a 13ecklnan Research pH meter with a digital voltmeter

( TyccI IIVM-404) as a readout device. Calibration of this systcm vcrsus an NBS- calibra re~i

stanc]tird cell u sins a Leeds and NorthrLlp model K-3 potentiometer sho wecl a maximuln error of

0.2 mV in 200 mV. RoLltinc calibration of the digital voltmeter was made using the slide wire

of th~ 8eckma n pH m cfc r, and thjs did not change more than 0.2 mV during tic course of rhe day.

‘lTLc liquid ion- exchan&-e electrode was transfer rcd hack and forth between the test solution and

a rcfcrcncc so~Lltion ( LIsually 0. h K(~l) and the potcntia ~ rccorcied ,as a function of time.

EqLli1ihrium appca red to bc ].-cached wirhin 5 min , ~xcrpt in the most dilure solLltions. A stable

potential was rea uhed more qLlickl y it’ the rlectroclc was shaken down ( like a clinical thermo-

meter) before iL was wiped to remove so k] tion. Matchcc] Ag/AgC;l electrodes prepared by the

thermal electrolytic proc~ss64 were L1sed in the two cells , and were equi libratcd with the SOIU-

Lion ro be meas Lm~d for several hours hcforc the llqu id ion-exchange electrode was placed in the

solution.

Solutions were prcparec] by wright ( cxceptc for concentrations below O. lm which were

obtained by dilL1tion) f rum ACX rcagcnu grade salrs ( Fisher C!errifi cd) . Concentrations were

vcrif icd by potent iometr i<c tirratir)n wi.~tl standaml AgN03. ‘Ihc NaCl used crmrained lCSS than

0.005% potassium and the KC!l contained less than 0.005% sodium. Rromicle content of both salts

was lLWs than 0.0 1(~)and iodide contmt was 1.CSs than O.002%. The pH of the solLltions was between

5.5 and 6, and thL]s no interference was cxpwtcd from hyclrosen or hyLiroxy~ ion.c 1 All lmeasure -

lmcnts were condLIcIcd in a ware-r bath Lhmmostated at 25.0 + O.1 0 C.

C. Results

Table XXIX gi vcs the complete set of experimental 1 mca surcmcn[s, together with ctilcLlln -

tions ( see ‘l-able XXXIII for rhe computer programs used in these calculations) of the mean

activity coefficient of KC!l in the mixed NaC-K(; l elecrroly~e. The results of measLmements in

SOILItiOllS containing only K~l wrc givcm in Table XXX. The potential differences quoted are the

average of foL[r SLICC&SSi VE’ lmwLsLlrmmcnts ( errors are scanclard deviations) , except for rhose

marked with an a stcrisk, which were made W’th a fresh sample of rhe ion exchanger and are rhe

averaSe of rwo lmcasLmcments. ( I<or these tht error is tiJc range.) Mean activity coefficients
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Table XXIX. Activity Coefficient of 1<C3

RUN = ‘.l MKNA” NAK Y “*l W’
SLP z -.41s9 ALP : -fl, fll

,,
I I13NJC STRENGTH ‘2 –E LOG ’21. LOG 721( COR)
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Table XXIX ((”;ont. )

14 !7*471.3 fl.1409 4R,lfl -fl.154’5 -fl. 1550
IS 0.4713 75. 14fl~ ~8.5n -fl*15F?P -F?*]5R4

Notes:

RUN= namfi of source data file,

NAK= name ofa scrarcllfilc~lrti~>ut:cd duri.llg tllecalculatioll,

SLF’= 8 ]o~’y2[)/~1132.

AI..P= approximate VQILWfor al~

IS= ionic stl”ellgt]l tClwllic]l V~lLlcs in hstcolurn narccorrcctcd.

E= ol>scrvrd EMFdjffrre~lce l>etwrell test allcireferL:llce (point zero) solutions.

X2= J~12/(ml+In2) = ionic strength fraction of KC1.
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Table XXIX (Cont. )
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Table XXIX (Cont. )

lE 1.5R43 fl. 4927 13*lfl
11

-f4. lT173 _
1.5926

-D,1974
fl.2271 3b7.2Pl -F! .1759

12 1.5926
-ti. 1759

0.2271 ?9.5E -il. 17 flGl m. 17fll?
13 1.5926 fl.2?71 29.7fl -FI,1717 -0.1717

––. ; ; 1.5~26 fl*2~7’ ;:”:: —. —:-;-~+$:-;—--— -i7. 1674
1.!5947 0.1622 ● -D.13Rf!

16 1.5947 !3. 1622 35; (W5 -n.144m
17 1.5947

-n. 1439
!3. 1622 35*CD

18
-fl.14~1 -0.149!?

1.5947 P1.1f122 36.nPl -fl,1524
10

-fl. 1524
1.5947 fl.167!2 36*R’a

2VI
-F!. 15S2 -m.1591

1*5947 fl.1622 36*gn
PI

-o.16flo -!X. 16FIP
!.5Q47 0.1622 35.7!? -0 1499—

z?
-_p. !49R...-”-”. .. . . ...- —.——— .. .- ..-—...- ,- .*.. .-...-—..-— —

1.5978 !7.067!5 ?) R,lfl -n.13gl -o.15RFl “
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Table XXIX (Cont. )

17 4.148? fl.2f?87 22.50 -fl.14?7 -0.1495
IR 4.14!?2 0.28R7 23.fiff -i7.1539 -n.1537
]g 4.1299 n.1212 40.80 -m.l14n -E1.1135 —
2P 4.129? Q*1212 43.2m -0.1343 -n.1338
21 4.1299 0.1212 33.00 -fl.f!9n4 -i3.fa899
22 4.129? ~,lzlz 40.90 -0.1149 -n.1144
23 4,1299 n.1212 41.flfi -n.llq2_-#.1157 ..—
24

.—
4=2 9 kl.n572 6f3.7fl -a*llfl& -0.1180

.?5 4,122? 17.!7572
26

611.5n -0.1169 -0.1163
4.’1229 !7.0572 61.lfl -#.122m -F?.1213
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for KC1 ( y+) were interpola tcd from the ta blcs of l{obinson and

O. lm and calculated from dw l)ebye - HtYckel theory ( with a = 4)

Stokes 12 for cc)nccnma tion a hove

for Iowcr concentrations. The

Cahxlat?d values of potcnL’ial were obtained LIS1.ng the Ncrnst ecIua tion:

K= E“ +~-Qn(mY )
*

( 69)

where m is the molal Concentm tion oJ: K(;l, ancl Ho is evaluated LIsing L’heknown concentration

ant] activity coefficient of dle refer cncc solution.

To Me XXX. Measurements in KCl Solutions at 250 C

Y* AE
obs

, m v

4.228 0.579 166.6 + 1.6

1.569 0.581 119.6 + 3.0

1.569 0.581 123.0 + O.1*

1.024 0.602 98.2 * 0.6

0.4854 0.651 68.0 * 0.7

0.4854 0.651 70,1 + O.1*

0,0936 0.774 0

A~ In vCMk-’ Error, m V

80.8 -14.2

30.0 –10.4

30.0 -7.0

10.0 –11.8

75.6 –7.6

75,6 –5.5

o 0

0.00936 0.899 –95.5 * 0.9 –110.6 +15.1

9.36 x 10-” 0.963 -201.0 + 0,8 -225.4 +15.3

9.36 X 10-s 0.989 –330.6 + 2.3 -342.4 +11.8

9.36 x 10”5 0.989 -332.8 + 0.3* –342.4 +9.6

‘J

r

*
Fresh exchanger.

Systcmatir dcvia’tions from the ~~crnst equ~ti on are clear] y apparent in the data of

Table XXX. These arc in a direction opposite: EOthe observed potentia 1 differences, and jnclicate
●

that the liquid ion exchanger is somewhat pc.rmcable to chloride as well as to po~~ssium ion. The

dcviaLions Zre smaller if the ion exchanger is fresh. At concentrations below 10”6 m, devia-

tions arc in the direction of stj 11 more positive potcntialss 9 indicating t}lat the ion exclm nger

contributes a finite amount of potassiu nl ion to the test soh tion.

Empiricn lly, a slope of approximately 90~ of the Ncrnstian slc)pc provides a rclativel y

good fit ( + 2 mV) to the experimental data ov~r the range from 0.001 to 4. 3m. However, this

slope depends on the age of the ion exchanger ( e.g,, 95% for fresh and 85~~ for agccl nlaterjal)

and ‘dILIS shc.)ulcl be ~l~tcrminccl a L’the tilme of mcwsurcmenr if acctm~tc analytical results arc

desired.

The measurements nwde in NACH-K(l mixed electrolytes Are summarized in Table XXX1.

Each entry is the average of four to eight separate measurements. 1~’oreach ionic strength, the

reference solution was tie KCH stock solution ( first enrry in each group). The mean activicy

coefficient ( YZ1) of KC1 in the mixed electrolyte was calculated assuming that the Nernst
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Tab] e XXXI. Mcm Activity of (l]dicients of 1<(7,1in Na~l-I<(H Electrolytes

Tom]
Ionic StrcngCh

0.0936
0.0940
0.0942
0,0946
0.0948
0.0949
0.0949
0.0949

0.4854
0.4809
0.4771
0.4735
0.4713
0.4702
0.4693

1.0241
1,0174
1.0142
1.0073
1.0042
1.0030
1.0023
1.0018
1.0018

1.5687
1.5771
1.5843
1.5926
1.5947
1.5978
1.5991

4.2279
4.2027
4.1756
4.1482
4.1299
4.1229
4.1182

X2

1.0000
0.6798
0.5061
0.2572
0.1188
0.0434
0.0128
0.0012

1.0000
0.7309
0.4984
0,2797
0.1409
0.0707
0.0177

1.0000
0.7056
0,5608
0,2514
0.1094
0.0582
0.0225
0.0010
0.0005

1.0000
0.7265
0.4927
0.2271
0.1622
0.0625
0.0218

1.0000
0.7780
0.5361
0.2887
0.1212
0.0572
0.0134

–E: , mv

o
13.1
17.6
33.6
51.6
76.0

105.5
14L0

o
7.0

16.4
31.0
48.4
66.2
96.6

0
7.7

13.3
31.2
50.2
65.5
86.7

147.4
160,2

0
5.8

13.8
29.7
35.8
57.3
82.2

0
4.6

11.7
23.3
40.8
60.9
91.7

0,1111
0,1403
0,1152
0.1045
0.0897
0.0777
0.0624
—

0.1864
0.1738
0.1660
0.1610
0.1569
0.1568
0.1128

0.2204
0.2066
0.2026
0.1772
0.1559
0.1479
0.1206
.
.

0.2360
0.2180
0.2034
0.1713
0.1505
0.1266
0.1082

0.2375
0.2192
0.1957
0.1569
0.1139
0.1201
0.0644

0.1115
0.1405
0.1153
0.1044
0.0896
0.0776
0.0622
—

0.1854
0.1732
0.1658
0,1612
0.1573
0.1573
0.1133

0.2197
0.2062
0.2023
0.1772
0.1561
0.1481
0.1209
—
—

0.2363
0.2181
0.2034
0.1713
0.1504
0.1264
0.1081

0.2382
0.2196
0.1960
0.1567
0.1133
0.1195
0.0637

—
—
—
—
0.017
0.0085
0,0035
0,0029

—
—

0.0069
0.0032
0.0041

—

—
—
—

0.0018
0.0012

—
—
—
—

0.075
0.034
0.014

—
—

0.039
0.015
0.0065

Note: Component 1 is Na[:l, component 2 is KCL X2 =mz/( m I +m). m I V~lUCS are corrcct -
ed to ionic ~tren@~s of 0.0945, 0~4756, 1.0096, 1.5881, C),:E4.1605 ( depending on the group)
using isopiestic data to determine the correction factors. Ks is calculated as dcscribcd in
text. 12 is p~tential in rest soIution minus potenri.al in reference solurim (first cnt ry in each
group ),
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equation was obeyed with the

exchan~yr did not respond at

theoretical slope and that thepotassiurn-selectiv cliquid ion

all to sodimm icn.34 The mean activity coefficient ( yz,, ) of KU

in rhe reference solution was obtained as described dlmvc. The deviations of the observed JZMF

values from the theoretiezl values (Table XXXH) are plotted in Pig. 15. Th6se were calcL~lated

assuming thal Ihe isopiestic data 7’ S5 for the mean activity coeffici ems of KCl ( vz 1) and NaCl

(y,, ) in mixed electrolytes were corrected. individual measurements have been plotted to show

the consistency of results in a Riven sol L~tion. At higher Na/K ratios, che cleviarions m-e always

in the sa lmc di rcction ( the observed potential is more positive than the ca.lculatcd potential),
+ -t

consistent with the hypothesis of partial transport of Na along with K .

The selectivity ratio of this ion-exchnngc clcctrodc has been reportcdsq to be 2 x 10-4

(for Na versus K). This value is obtained by comparing the potential of the electrode in a SOIU-

tion containing only KCI with that in a solution containing KCI at the same conccntracion mgecher

with O. lM NaCI. A line CalCLllatd using this value is plotted in Fig-. 15. our data can also k

u secl to calcLI krte a selectivity ratio, but at the high ionic strengths wc arc considering, wc must

take account of dle differences in activity co~fficicnt between NaC1 and KC1 in rhe same electro-

lyte I“nixhlrei Wc hflve defined the selectivity ratio ( Ks ) by th c cquation34

E=EO+~ In {(m,fi~+Ksm,Y~,) (m~+m, )}

where m I is the molal concentration of NaCl, mz is the molal concentration

( 70)

of K(”;l, and the

other sylmhols are as defined above. ‘llle values obtained for Ks arc listed in Table XXXI for

solutions where the Na/K ratio is ,grcacer than 5. For solutions conslsr”ing mostly of 1<(;1, the

Lmcc.rrainties in rhe mean activity coefficient are much grea~er than the effects of selectivity.

No’re that the selectivity ratio is rclarively independent of ~otal ionic strength, but depends

in a consistent way on the Na/K ratio. Exrrapola tion of Ks to zero KC1 concenrra~ion is shown in

Fig. 16. ValLIes bctwccn 5 X 10-4and 4 x 10”’ are consistent with the data. Although this is

slightly higher than the pLlbl j shed valLle,G ~ a slightly 10wer extrapolated va lUe might be obtained

if fresh excha.ngtr were u secl for each measurement and correction were made for residLla I K“

in the NaC1.

Since the total ionic strength is held constant for each set of measurements, the gradient

of chloride concentration across the ion-exchange membrane is also constant, and rhus devia-

tions frolm Nernstian behavior due to chloride transport should contribute negligibly to these

measurements. The fact that systematic deviations from ‘the calculated potentials are observed

(or alternatively, that the selectivity ratio is composition dependent) indicates that the transport

mechanism is lmorc complicated than might be sLlpposcd on the basis of a simple ion exchange

model.
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“~able XXXI1. Deviotjon of 13xpcrinlentd L>ata I?rtom Isopiesric V alucs

b

I(SL = m
Is XKCL 1.2i7 LPI L12 DE D EC DDE .421

fl.n94G fl.257?, -.ln96 -.lti84 -.In&l 33.3 34.9 !.6 -*n1751

D.i7946 D.?572 -.Ii796 -.1084-.lml 33.9 34*Q 1.0 -.01751
fl.0946 13.2372 -.lf196-.1nR4 -.ID61 33.8 34.9 1.1 -.!31751
fl.17946 L7.2572 -.ln96 “.lmR4 -.lfi61 33,6 34.9 I*3 -.n175i

B.f1948 0.11s8 -.1096 -*
D.P94a fl.lllls -.In96 -.
fl.i3948 0.11s8 -.lf196 -.

3.47948 0.l18R -.lmP6 -*
m.n949 fl.f1434 -.I1796 -.
m.k3949 0.f?434 -.1096 -.
fl.i7J949 B*f1434 -.1!796 -.
fl.0949 G1.F1434 -.lf196 -*

flR3-:ln5~ 51.7 54.6 7.9 -.171625
0’83-.l@58 52.2 54.6 2.4 -.fi1f125
F!$3-.IF!5R 51.2 54.6 3.4 -.D1625
BR3 -.lf15~ _A–——51.5 54.6 3 1 -.D1625
flu?-.ln57 75.6 8D.4 4.8 -.fl1576
flf?2-;1057 76.1 Rfl.4 4.3 -.!31576
082 -.lf157 76.1 8n.4 4.3 -.D1576

0.0949 n.f1434 -.I1396 -.lflR2 -.1057 76.fl UFI.4 4.4 -.i71576
0.0949 E1.F1434 -.1096 -.1082 -.1fi57 75.9 gfl*4 4.5 -.D1576
fl.f1949 17.F1128 -.lf196 -.1081 -.1056 104.7 111.8 7.1 -ofl1576

!?,0949 0.0012 -.1096 -.1081 -.1056 154.1 172.6 IH*5 -.E1576
fl.fl!449 ti.flfll? -.lF196 -.!081 -.If156 13E.7 172.6 33.9 -.01576
i3.m949 0.klFl12 -.1096 -.lflFil -.1056 13~.fl 172.S 33*6 -.01576
!7.D949 (7.F!F!12 -.lfi96 -.1081 -.Io5fi 135.9 172*R 3G.7 -.0J576
D.f1949 fl.flk712 -.1096 -.1F?81 -.1056 136.7 172.fI 35.9 -.01576
B.!3949 t7.flFt12 -*lflq~ -.lFfF+l -.If156 135.K f72.& 37.0 -.i71576



‘1’atIlcJXXXli (Cont. )

m*4771 fl*4984 _,l~14 -.179(7-.lKq3 15*~ 16.7 V.% -.flfl?9G
P1.4735 B*?7~7 -.1814 -.1773 -.1664 3@.4 31.8 !.4 -.m1212
#.4735 fl.27q7 -.IR14 -.1773 -.1664 3R.3 31.% I*5 -.n1212
#.4735 F1.?797 -.1814 -.177?) -.1664 31.7 31.R 0.1 -*?11?12

, P.4735 fl.2797 -.1844 -.1773 -.l$6~ 31.6 31.R ~-.P!?l2
fl.4713 fl.14PQ -.1R14 -.17C2 -.1646 48.3 h~*5 1.2 -,m1293
n.4713 m.14f19 -.IR14 -.1762 -.1646 4%.1 ~g,~ 1.4 -*n]293
0.4715 m,14n? -.1814 -.1762 -.1646 4R.5 49*5 I.n -.01293
fl.471?l kl.14nq -.lfl14 -.1762 -.164K 48.6 49.5 m.q -.F11?,Q3
fl.47f12 fl.07#7 -.1R14 -.1756 -.1637 64.6 67.3

—..
?.7 -.DisF5

FI.A7’?? fl*f17n7 -.1814 -.1756 -.1s37 64.7 C7.3 2.6 -,0!525

rl*47i32 fl.f1737 -*1U14 -.1756 -.1637 64.6 G7.3 7!.7

i?.470?

-.0]325

F1.#7f?7 -.1!714 -.1756 -.1637 68.5 67.3 -1.2 -.r!1325
n*47n? FI.F47V7 -.1814 -.175< -.16,37 6%’.& 67.3 -1,3 -.E13?5
VI.46Q3 “–-”=d”R-iT=.TTz7”-= :-R3T—5R”:OTF2TF!.m177 4*9 -.n134P1
E.4GQ>3 #.f1177 -.1814 -,1752 -.163D 96.H 1Ff2.9 6.1 -.@134R
?.4693 F!.(7177 -.1314 -.1752 -.ifi3fl 97.1 1!72.9 5.8 -.fl134H

Notes :

1S= total. i.unit strqgh

XK(;L - X2

L20 = log 720

L21 = log 7’2,
I

Cakukit(’d usin~ equations of RLISII (ORNL-4402)
based (.)n iso~]icstic data (.)[ Robinson.

J.12 = log y12 j
.

r)E=-E(lhq (SWTWCXXX)

Illzc = –E;:{,c.

DDE = diffcrcncc: Eobs –Ecalc,

A21 ~ U21 calcwk+tcd from cquatiuns
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1.0142 fl.5Gf18-.2172 -.!!128-.1941 13.2 13.7 fl.5-.Df1983
1.F1142 @.56!3R -.2172 -.2128 -.1941 13.3 13.7 fl.4-.00983
1.!3142 o.56fi% -.2172 -.2128 -.1941 13.7 13.7 fl*2-.00983
1.0!42 n.56flR -*2172 -,~l~q -*1941 13.0 13.7 0.7 -.D09%3

i:if173 R;2514 -i217?, -i2091 -.1S68
1 .nf173

31.5 34.2 ?.7 -.flli7E3
@.2514 -.2172 -.2f191 -.1!368 31.4 34.2 2.!3 -.01FJR3

1 .flfi73 0.2514 -.2172 -.T?f191 -.1868 3fl.9 34.2 3.3 -.Q1UR3
1 .nf173 m,2514 -.’2172 -.2591 -.lF168 31.1 34.? 3.1 -.f11iw$3
1.PI042 F1. lFf94 -.2172 -.2f173 -.1s35 50.7 55.5 4.8 -.Dllnu
1.FIf142 D. I17Q4 -.2172 -.2D73 -.1835 5fl.9 55,5 4.6 -.flllnu
1.FI042 tY. 11794 -.2172 -.2F173 -.1’335 49.3 55.7 6.2 -.I711OH
1 .F1042 Fl*lt!~4 -*2172 -.2fl-13 -.1835 49.4 55.5 6.1 -.flllnf!
1. EID42 fl.lf194 -.2172 -.2f173 -.1835 5fl.~ 55.5 4*7 -.D1l F!R
1 .G5173n fl.175R2 -.?172 -.2067 -.1E23 63.5 71.7 ~,p - .F!1116



Table XXXJJ (Cont.)

1.5771 fl.7265 =-.2345.-.23mfl-.?D57 5.7 3.4 7!.7-.Cl!n35
1.5843 fl.4927 -.2345 -,2266 -.1977 14.n
1.5s43

17.7 3.7 -.B09RA
B.4Q27 -.2345 -.2266 -.1977 14.1 !7.7 3.6 -.009ft4

1.5R43 D.4927 -.2345 -.~~~~ -.l~77 13,1 17.7 4.6 -*Pn984
1,5926 0.2271 -.?343 -.?2?5 -.1885 3fl.2 3K.9 6.7 -.fi0Q71
1.5926 Ff.2271 -.2345 -.2225 -.1sR5 29.5 36.9 7.4 -.flf1971
1.5926 fl.2271 -.2345 -.?225 -.
1.5926 m.2271 -.2345 -.2225 -.
1.5947 47.1622 -.2345 -.2?15 -.
1.5947 0;1622 -;2345 -;2215 -i
1.5947 0.1622 -.2345 -.22,15 -.
}.5947 F7.1K22 -.2345 -.2215 -.
1.5947 D.1622 -*2345 -.?215 -*
1.5947 0.1622 -.2345 -.2215 -. 862 36.9 45.4
1.5947

8.5 -.mog71
FI.1622 -.2345 -:2215 -.1862 35.7 45,4 9.7 -,EFj971

1.5978 D.t?625 -.2345 -.219? -*1R26 58.7 69.6 lP1.9-.0k!971
1.597U fl.f1625 -.2345 -.2199 -.1826 58.3 6Q.C 11.3 - :!7n?71
1.5978 F!.f1625 -.2345 -.7!1s’9 -.1526 56.5 69.6 15.1 -*flflQ7~
I .5978 fl.f16’25 -.2345 -.2199 -.1826 56.4 69.6 13.2 -,13f1971
1.5978 n.f1625 -.2345 -.2199 -,1826 57*FI 69.6 12.6 -,0f1971
1.5978 m.f1625 -.2345 -.2199 -.1826 57.1 69.6 12.5 -.i7Fw71
1.5991 0.D21R -.2345 -.!2193 -.lR1l 77.0 96.5 19.5 -.5f1971

.98-

1.5991 m.m218 -.2345 -.2193 -.IRI1 82.1 96.5 14.4 -;0f1071
1.5991 i3.n21f! -.2345 -.?193 -.lR1l g2,3 96.5 14,2 -.Et1971
1.599] fi.o?lg -.2345 -.%193 -.1811 82*2 96.5 14.3 -.E!EW71



‘lkbleXXXII (Cont. )

4;2f127 0;77!?0 -.2357 -.2265 -.173~ 4.4 4.3 -ml -*nflQ56
4.175& m.5361 -.2357 -.2177 -.1504 11.5 13.2 1.7 -*fli793E-
4.1756 D.5.361 -.2357 -.2177 -.1SD4 11.9 13*2 1.3 -.flF193fl
4.1756 n.53Gl -.2357 -.2177 -.1504 12*2 13.2 ml.fl -.fln93v
4ji756 0:5361 -:2357 -.2177 -i15f14 12.5 13.2 fl.7 -.0f193fl
4.175C m.53cl -.2557,-.2177 -.15f14 11.6 13.7 1.6 -*FlflQ30

4.1756 0.5361 -.2357 -.2177 -.15f14 11.2 13.2 ?.fl -.mm93P1
4*1756 0.5361 -.?”357 -.?177 -.1504 11.1 13.2 2.1 -.nn93n
4.14R2 L7.2~37 -.2357 -.2f579 -.l~70 2Lf.9 28.? 3.4 ..*BEQ43

4:i4ii kJ:2ai7 -;2357 -.2f179 -.127fl 24.9 23.2 3.3 -.#f1943
4.1482 fl.2887 -.?.357 -.2#79 -,l?7fl 22.5 2R.2 5.7 -.flf1943
4.1482 fl.28K7 -.2357 -.2f179 -,1270 22.4 2~.2 EI.$1 -.flf1943
4.1482 PJ.28!z7 -.2357 -.2D79 -.127fl 22.5 2X.2 5.7 -.0fJ~43
4.1482 fl,2887 -.2357 -.2D79 -.127fl 23.P 28.2 5.2 -.3D943<
4.1299 0.1212 -.2357 -.2DPJ9 -.Illm 4fl.% 49.q 9,1 .,flf1959

4:1299 0.1212 -.2357 -.2Qf19 -.lllPJ 43.2 49.> (5.7 -*RflQ59
4.1299 L7.1212 -.23’37 -.2Bf19 -.llln 38*F! 49.9 11*Q -.of1959
4.12?JQ 0.1212 4.’2357 -.20D9 -.lllD 4fl*9 49.9 9*F! -.of1959

4;lli2 0;n134 -;2357 -.1963 -.117E56 92.3 lF16.1 13.3 -.Eik7!)69
4.1132 FJ.0134 -.2357 -.1963 -.lfln~ 91.2 lf16.1 14.a -*f!13969
4.1182 0,0134 -*2357 -.1963 -,1006 91.1 ln6.1 15.0 -.flf1969
4.1182 0.fl134 -.2357 -.1963 -.lno6 13!?*fl 106.1 -25.9 -.flfl~m
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Fig. 15. Deviations of experimental measurements from calculated potential
values based on the Nernst equation and isopiestic65 data
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Table XXXII1. Computer Program LJsed for Calculating the Mean Activity
Coefficient of KCI in the Mixed Nacl -Kc1 Electrolyte

PROGRAM /K-NA/ 10/13/69 PAGE 1

~LOAD
FRoM /K-NA/

>TYPI? ALL

1.f16 D(I PART !9
1.1 OPEN NAK FnR INPIIT AS FILE 1
1.15 READ FRoM l:N
1.22 DO PART 10
1.23 SDE z n
1.235 PAGE
1.24 DEMAND KSL
1.25 TYPE IN FORM 1:
1.3 DO PART 2 FOR I : 1 TO N
1.4 CLOSE 1
1.5 SD c SQRT(Sl)E/(Nx(N-1)))
1.51 TYPE 5DE, SD
1.60 Do PART 5
1.KD5 PAGE
1.61 DONF.

2.1 READ FROM 1: 1S, FK, DE
2.2 DO PART 3 IF DE = D
2.25 Y(l) = 1-FK
2.26 DO PART 11
2.31 DEA z llR.3xl.0fil fl(ISfl*G2D)
2.32 DEB : 59, 15ALOGlfl(FK xG21”2+KsL*( l-FK)+G12’2)
2.33 DEC z DEA - DEB -l lH.3*LOG1k3(IS)
2.34 Y(1) = 999 IFDE = m
2.35 L2GI = LOG1!7(G2D), L12 = LOGIO(G12), L21 = LOH1O(G21),
A21 = (L2fl-L21)/(Y(l)xIS)
2.4 DDE = DEC-DE
2.41 SDE = SllE+ DDE-2
2.5 TYPE IN FORM 2: IS, FK, L2fl, L21, L12, DE, DEC, DDE, A21

3.1 1S0 z IS
3.21 Y (1) z n
,3.22 DO PART 11
3.3 G20 z G21

4.nl READ FROM 1: IS, FK, DE
4.F12 DO PART 3 IF DE =0
4.03 Y(1) = 1-FK
4.f14 DO PART 11
4.11 QA = (IS0xG20/IS)A2
4.12 QE ❑ lDA-(DE/59.15)
4.13 QC = FKxG21”2
4.14 Qr) : (1-FK)*G12*2
4.)5 LZ1 : LOG1O(G2I)
4.21 KSL=O IF FK : 1
4.22 TO STEP 4.3 IF FK : 1
4.23 KSL = (QA*QB-QC)/QD
4.3 TYPE IN FORM 5: 1S, FK, DE, L21, KSL

>.fl PAGE
5.nl DO PfiRT 10
5.1 TYPE
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T~blc XXXIII (Cont. )

PROGRAM /K-NA/ 10/13/69 PAGE 2

Is XKCL DE L21 KSL”
5,2 OPEN NAK FOR INPUT AS FILE 1
5.25 READ FRoM 1: N
5.3 DO PART 4 FOR I = 1 TO N
5.4 CLOSE 1

lfl. fll s : -1.17f182, AP z 1.5, A = 1, B : 2

lk7.D2 Li31 ❑ -fl.0253, LB2 z -fl.flf1299
10.F!3 A(l,l) = .03KR4, A(1,2) = -.0&4n8
in.f14 A(2,1) = .021FM, A(2,2) z .@5244
l@.F15 A(3,1) c -fI.F!D13a4 A(3,2) z -fl.F?l124
l@.f16 A(4,1) = I? , A(4,2; z fl.flmf191R

1!.01 BET = (LR1 + LR2*Is)*Is
11.#2 RR : (LBI + LB2*J,S/2)*IS
11.f13 SQI = AP*M3RT(IS)
11.!1 Do PART 12 FOR J = 1,2
11.22 Y(2) : 1 - Y(l)
11.31 J = A, K z B
11.32 DO PART 13
11.33J =B, K = A
11.34 DO PART 13
11.41 G12 = EXP(LG(A)), G21 = ‘ZXP(LG(R))

12.~1 AAA ❑ 2*S*SQRT(15)/(l+SQI) + 2*A(1,J)*IS + 1.5*A(2,J)*IS*1S
12.ti2 AAR ❑ 4*A(3,J)*IS-3/3 + 1.25*A(4,J)*ISA4
12.F15 AA(J) = AAA + AAR
12.11 ALA = 2*S/(AP*3*IS)
12.12 ALB = 1 + SQI - l/(l+SQI) -2*LOG(I+SQI)
12.13 ALC ❑ A(l,J)*IS + A(2,J)*IS’2 + A(3,J)*IS-3 + A(4,J)*IS*4
12.14 AL(J) = ALA*ALB + ALC

13.1 LG(J) = .5*(AA(J)+(AL (K)-AL(J))*Y (K)+RET*Y(K)+(BB-RET)*Y(K) ‘2)

19.04 DE!IAND RUN
lg.Fi5 OPEN RUN FoR INPUT AS FILF. 1
Ig.1 READ FROM 1: N, G, KR, NR
19.15 QQN = lfl17L?/(lf4f10+ (NR*58.442K)), QQK = 10flfl/(lOflfl + (KR*
74.555)), QNA = (QQN*NR), QK = (QQK*KR)
19.2 READ FROM 1: X(I), Y(I) FOR 1=1 TO N
]9.3 READ FROM 1: E(I) FoR 1=1 TO N
19.35 CLOSE 1
lg.36 DFMAND NAK
19.37 opEN NAK FoR OUTPUT AS FILF, 2
19.3R WRITE ON 2: N
19.39 WRITE ON 2 IN FORM 3FI: NR, 1, D
19.391 DEM~ND SLP, ALP, IS
19.4 TYPE

I IONIC STRENGTH xKCL LOG G12
19.45 TYPE IN FORM 3: 0, KR; 1

LOG G12 COR”
E, LOhG), 0

19,51 Do PART 20 FOR I = 1 TO i
19.6 CLOSE 2
19.65 PAGE

2Ff.lfl Ww : (x(I)*QQK )+(Y(I)*QQN), MNA z (QNA*Y(I))/ww,
MK = (QK*X(I))/WW, FK ❑ MK/(!lNA+MK), FNA = MNA/(MNA+MK),
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‘1’able XXXIH (Cont. )

PRoGRAM /K-NA/ ln\13/c9 PAGE 3

I..Go : LOG1O(KR*G)-. 5*LOG10(MK*(MK+MNA) )-l?(I )/118.3,
10 z MNA+MK, LGC = LGO+((SLP-(ALP*FNA) )*(l S-10))

20.2E? WRITE ON ? IN FORM 3fl: 10, FK, ‘E(I)
20.3 TYPE IN FORM 3: I, IO, FK, F.(J), LGO, LGC

FoRM 1:
IS xKCL L2fl L21 L12 DE DEC DDE A21

FoRM 2:
Zz.z%%% %?.%%%% Z.ZZZ% %.2%7!7! Z.zz%% %%2.% 2ZZ.Z Z%%*Z %.%%%%7.

FORM 3:
%7 %Z.%zzz %%.%%%% %%%.%% 777 7777. . .. . . . . %%%.%%%%

FORM 5:
%7 7777.. . . .. %.%%%% 777 7.. .. . %%.7%%% %.%7%?%

FoRM 38:
22%.2%%% %%.2%2% %%%.%%%%

Note: Tllisp~-ogr~ln incorpol”:ltcs moclificcl vc~”siorlsofprograms/R3/a~~d

)NACLKCL!, wllictl wcrcgivcll illtl~c Sccollcl Illterilll Rcpc)rt.

RUN= i.npLltfile]lame, e.g., ‘NACL.’

N ~ number of points.

G= 720irLrcfcrcncc solution (l<Cl).

KR = m2inKC~ stock.

NR=tn, inNaCl stock.

X(I) =weightof NaCl stock.

Y(I) =weightof KCl stock.

E{I)=n-lcasllrcd llotclltial Llif[ct”cllcc (rcfdrence-test); –E{lbs.

SLP= a10g~20/~mT

ALP= approximate VAIUCof~21,

1S= ionic strengthto which 79, is to becorrected,
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NAK= name ofscratchfilc, ~.’g., ‘SCRATCH. ‘

KSL= assumed selectivity ratio for calcLdating deviations of E.

S13E = Z (Eobs – Ecal~) 2.

SD= dSDE /( N(N- l.));
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